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FOREWORD 


The phenomena of catalysis by acids and bases have, from the 
earliest times, played an important part in the history of physical 
chemistry, notably in the fields of reaction kinetics and the 
theory of electrolytes. Our interpretation of these phenomena 
has undergone considerable changes during the last twenty 
years, but the subject lias now reached a stage at which a 
general account seems both possible and desirable. The present 
book represents an attempt to assemble the different aspects 
of the subject into a picture suitable for University students of 
chemistry. 

The first five chapters describe the laws governing catalysis 
in aqueous solution, and deal chief!}' with well-established 
matter. These chapters include elementary accounts of two 
more general topics—kinetic salt effects and the modern con¬ 
cept of acids and bases—since these subjects are rarely pre¬ 
sented in text-books of physical chemistry. Chapter VI deals 
with non-aqueous solutions, where behaviour is in some respects 
simpler than in aqueous solutions, though experimental work 
is much less complete. Finally, Chapters VII and VIII are 
concerned with the molecular mechanism of acid-base catalysis 
and the application to catalysed reactions of modern theories 
of reaction velocity. These topics are still incompletely under¬ 
stood and represent the focus of present interest: for this reason 
the contents of the last two chapters are necessarily more 
tentative and controversial than the rest of the book. In these 
sections an attempt has been made to give an elementary pre¬ 
sentation of some recent developments in the general theory of 
reaction kinetics. 

In writing this book I have been greatly helped by a number 
of pupils and colleagues who have read sections of it and made 
valuable criticisms and suggestions. It would be difficult to 
mention them all by name, but it would be unseemly to close 
this foreword without acknowledging a particular debt of grati¬ 
tude to Professor J. N. Bronsted. In the first place it was the 
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privilege of spending four years in his laboratory in Copenhagen 
which determined my personal interest in the subject of acid- 
base catalysis. In the second place it is largely his unique 
contributions in this field which have produced order out of 
chaos and made it feasible to undertake a coherent presentation 
of the subject. It seems particularly important to make this 
acknowledgement at the present time, when it is impossible to 
convey to him any personal message of thanks. 

R. P. B. 

OXFORD 

August 1941 
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CHAPTER T 


THE CLASSICAL THEORY OF CATALYSIS BY 
HYDROGEN AND HYDROXYL IONS 


(a) Introduction 

The term catalysis in its modern sense was introduced by 
Berzelius in 1830f to coordinate a number of earlier observa¬ 
tions of chemical changes of diverse character. The feature 
common to all these observations is that one of the agents 
apparently responsible for the reaction remains unchanged, and 
can often be used repeatedly to bring about the reaction of 
fresh quantities of material. Many of the phenomena in ques¬ 
tion would now be classed as heterogeneous catalysis (e.g. the 
combustion of hydrogen and oxygen on a platinum surface), 
but in a few cases the reaction took place in a homogeneous 
system, and we may note in particular the conversion of starch 
to sugar by dilute acidsj and the decomposition of hydrogen 
peroxide in the presence of alkalis,§ in both of which cases it 
was demonstrated that the catalyst remained unchanged at the 
end of the reaction. 


During the remainder of the nineteenth century numerous 
suggestions were made about the nature of catalytic action, 
most of them highly speculative. However, no real progress 
could be made in interpreting homogeneous catalysis until it 
was realized that catalytic phenomena were concerned essen¬ 
tially with the velocity of a reaction, and this in turn demanded 
a quantitative formulation of the laws of reaction velocity. It 
is interesting to note that the first correct formulation of the 
laws of a unimolecular reaction was made by Wilhelmy in 1850|| 
in connexion with his measurements of the catalytic inversion 
of cane sugar by acids. This was followed by other more exten¬ 
sive quantitative studies, notably by Harcourt and Esson^[ and 


t Berzelius, Jahresbcr. 15, 237, 183G; Ann. Chim. Phys. (iii), 61, 146, 1836. 
X Kirchhoff, Schwciggcr's Journ. 4, 108, 1812. 

§ Thenard, Ann. Chim. Phys. 9, 314, 1818. 

|| Wilhelmy, Pogg. Ann. 81 , 413, 499, 1850. 

Harcourt and Esson, Phil. Trans. 193, 1866; 117, 1867. 
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by Guldberg and Waage.f It was largely due to these advances 
in chemical kinetics that Ostwald was able in 1895J to propose 
the definition—'Catalysts are substances which change the 
velocity of a given reaction without modification of the energy 
factors of the reaction’, a definition which is still regarded as 
essentially correct. 

It is convenient to outline here in their simplest form the 
kinetic laws which have been found to govern homogeneous 
catalytic reactions. If we consider first an uncatalysed reaction 
A B taking place in a gas or a dilute solution, then the law 
governing its progress is 




where, for a given reaction, k depends only on the temperature 
and the solvent. If the same reaction is catalysed by a sub¬ 
stance X, the corresponding law is found to be 

- d ^§ = (i) 

where, for a given reaction, 1c x depends on the nature of the 
catalyst, the temperature, and the solvent. There are two 
points of interest in equation (1). In the first place, the course 
of a single experiment will be kinetically of the first order with 
a velocity constant k = & A [X]. In the second place, the equa¬ 
tion is exactly similar to the expression for a second-order 
reaction between A and X, except that the concentration of X 
remains constant during the reaction: i.e. instead of 

A+X-+B+Y, 
where X is transformed to Y> we have 

A+X->B+X , 

where X ultimately emerges unchanged from the reaction. This 
view of catalysis as a bimolecular reaction will be dealt with 
particularly in Chapters VII and VIII. 

t Guldberg and Waage, Etudes sur les affinitts chimiqucs , Christiania, 1867. 
t Ostwald, ‘Chemische Betrachtungen Die Aula , 1896, No. 1, 
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The constant A* v is clearly a measure of the effectiveness of 
the catalyst for the reaction in question, and will be referred 
to as the catalytic constant of X. The extension of this formula¬ 
tion to reactions of higher order than the first is obvious. A few 
cases are known in which the velocity is not directly propor¬ 
tional to the catalyst concentration, and others in which the 
same species plays a dual role as both catalyst and reactant. 
All these possibilities are included in the following definition: 
A substance is said to be a catalyst for a reaction in a homogeneous 
system when its concentration occurs in the velocity expression to 
a higher power than it does in the stoichiometric equation. It will 
be easily seen that the simple case treated above is a special 
case of this definition. 

Another important generalization about homogeneous cata¬ 
lysis concerns reversible reactions, and states that in such 
reactions the point of equilibrium is independent of the nature 
or concentration of the catalyst, provided that it is not present 
in an amount great enough to constitute a change of medium. 
For a reaction A ^ B y equation (1) gives 


dJA] 

dt 


= A-UA'IM], - 




C2) 


and it is clear that the above law is satisfied provided that the 
ratio k' x /kx is independent of the nature of X, though of course 
the separate values of k x and k n x will depend upon X. Further, 
if the reaction proceeds in the absence of a catalyst, the ratio 
of the uncatalysed velocity constants k'Jk ^ must have the same 
value. The extension to reactions of higher order is obvious. 
This law was deduced thermodynamically by van ’t HofT,t and 
was first demonstrated experimentally for homogeneous cata¬ 
lysis by BerthelotJ in his work on the esterification reaction. 
Although there are comparatively few types of reaction in which 
its validity has been tested experimentally for homogeneous 
catalysts, this law may be regarded as well established on 
account of its thermodynamic basis. 


t Van’t Hoff, Vorlesungen, Berlin, 1898 
X Berthelot, Bull. Soc. Chim. 31, 342, 1879. 
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(6) Early work on catalysis by acids and bases 
The type of homogeneous catalysis which has been most 
investigated is that in which the catalyst is an acid or a base. 
The early study of acid-base catalysis was very closely con¬ 
nected with the development of the dissociation theory , which 
both gained support from studies of reaction velocity and gave 
a stimulus to further kinetic work. The chief workers in this 
field were Ostwald and Arrhenius, and the reactions studied 
were the hydrolysis of esters and the inversion of cane sugar. It 
had already been shown that in the latter case there is a general 
correlation between the catalytic power of an acid and its 
‘strength’, though no quantitative measure of the latter con¬ 
cept was available.! The great advance made by Ostwald and 
Arrhenius consisted in showing that the catalytic power of a 
solution of an acid is directly proportional to its electrical con¬ 
ductivity and independent of the nature of the anion. This is 
naturally explained if we suppose that the hydrogen ion is the 
only effective catalyst, that its catalytic effect is proportional 
to its concentration (cf. equation (1)), and that the hydrogen-ion 
concentration of the solution is proportional to its conductivity. J 
Although according to modern views some qualifications must 
be attached to all these statements, they still constitute a 
valuable working basis, and the concordance of the experi¬ 
mental data is illustrated by Table I, taken from work by 
Ostwald.§ All the data refer to 1 N solutions of the acids, and 
the numbers represent relative values of their conductivity and 
of their catalytic effects in the hydrolysis of methyl acetate 
and the inversion of cane sugar, the values for hydrochloric 
acid being taken as 100 in each case. 

The hydrolysis of an ester in aqueous solutions of acids is 
kinetically of the first order since the water is present in large 
excess, and the same applies to the formation of esters when 

f Cf. e.g. Lowonthal cind Lennsen, J. prakt. Chem . 85, 321, 401, 1862. 
t The conductivity will actually depend to some extent on the mobility of 
the anion, but the mobility of the hydrogen ion is so great that the 
differences between the mobilities of the different anions do not appreciably 
affect the truth of the above statement. 

§ Ostwald, J. prakt . Chem. 30, 39, 1884. 
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Table I 

Relative conductivities and catalytic effects of different acids 


ylctd 

Conductivity 

A- (r.s/rr) 

A- (sugar) 

HC1 

100 

100 

100 

HBr 

101 

98 

1 11 

HNO, 

99 0 

92 

100 

h 2 so 4 

65-1 

73-9 

73-2 

cci 3 .cooh 

02-3 

08-2 ! 

75-4 

CHCIj. COOH 

25-3 

23-0 

27* 1 

COOH.COOH 

19-7 

17 0 

180 

CHoCl.COOH 

4-90 

4-30 

4-84 

H.COOH 

107 

131 

1-53 

CHj. CH(OH). COOH 

1 • 04 

0-90 

1-07 

CH 3 .COOH 

0-424 

0-345 

0-400 

CH 5 .CH(CH 3 ).COOH 

j 0-311 

0-280 

0-335 


the alcohol reacting is also used as the solvent. The latter 
reaction was studied by Goldschmidt in ethyl alcohol, using 
a weak acid as the reactant and a stronger acid as the catalyst. 
It was shown at an early datef that the position is similar to 
that in aqueous solution, i.e. that for a given reaction the 
catalytic power of an acid is proportional to its conductivity 
and independent of the nature of its anion. These experiments 
were of great value in showing the applicability of the dissocia¬ 
tion theory to non-aqueous solutions, and a selection of the 
results obtained is given in Table II. The catalyst concentra¬ 
tion was 0-1 N throughout. 

Table II 


Catalytic effect of acids in the esterification of formic 

acid in ethyl alcohol 


Catalysing acid 

Relative 

conductivity 

Relative velocity 
co)istant 

Hydrogen chloride 

100 

100 

Picric 

10-4 

10-3 

Trichloroacetic 

1-00 

1-04 

Trichlorobutyric 

0-35 

0-30 

Dichloroacetic 

0-22 

0-18 


The hydrolysis of esters in aqueous solution is catalysed by 
alkalis as well as by acids, and the kinetics of this change 

f Goldschmidt, Ber. 28, 3218, 1895; and later papers. 
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were also studied at an early date, though not in such detail 
as acid catalysis. Thus Reicherf showed that in dilute solutions 
of sodium, potassium, and calcium hydroxide the velocity is 
proportional to the normality of the alkali and independent of 
the nature of the cation. It was concluded that the hydroxyl 
ion was the effective catalyst, and this was further confirmed 
by the much smaller catalytic effect of the weak base ammonia. 
Similar results were obtained by KoehchenJ for the reversible 
conversion of acetone into diacetone alcohol according to the 
equation 

2CH3COCH3 ^ (CH 3 ) 2 .C(OH).CH 2 COCH 3 , 

and he was also able to show with considerable accuracy that 
the position of equilibrium is independent of the nature and 
concentration of the catalyst used. 

(c) General relations between reaction velocity and 
hydrogen-ion concentration 

It is convenient to describe here some general consequences 
of the classical theory of catalysis by hydrogen and hydroxyl 
ions which are useful in classifying the behaviour of different 
catalysed reactions. The conclusions arrived at are strictly valid 
only for dilute solutions of strong acids and bases, but in many 
cases they serve also to give a general description of the be¬ 
haviour of the reaction in the presence of weak electrolytes. 

Many reactions are catalysed by both acids and bases, and 
in some cases the total reaction velocity can only be accounted 
for by introducing a further term which does not depend on 
the concentration of hydrogen or hydroxyl ions. The most 
general expression for the observed velocity constant is thus 

^ = ^o“h^H + [H + ]+I*oH _ [OH~], ( 3 ) 

where A’ 0 represents the velocity constant of the ‘spontaneous* 
reaction.§ The application of the classical law of mass action to 

t Reicher, Ann . 228, 257, 1885. 

x Koelichen, Z. physikal. Chem. 33, 149, 1900. 

§ It will be shown later (Chapter V) that the term ‘spontaneous’ is a some- 
what misleading one, since the reaction corresponding to k 0 can be attributed 
to catalysis by the solvent molecules. However, the concentration of these 
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the dissociation of water gives the equation [OH~][H + ] = K w> 
the ionic product of water. Equation ( 3 ) can then bo written 

= k 0 + [qj^-1 + ^OIl[OHj. ( 4 ) 

Since K w — 10 -14 , [H + ] and [OH“] vary by a factor of 10 12 in 
passing from N /10 hydrochloric acid to N/10 sodium hydroxide, 
so that unless A* n r and A' 0 n- differ by a factor of more than 
about 10 9 , there will be two ranges of hydrogen-ion concentra¬ 
tion easily accessible to experiment, in which one of the last 
two terms in equation ( 4 ) can be neglected. In these ranges the 
velocity is a linear function of [H‘] and [OH - ] respectively, 
and the corresponding catalytic constants k u ■ and A ()U - can 
easily be separately determined from the experimental data. 
Between these two regions the velocity will pass through a 
minimum at a hydrogen-ion concentration given by 



If A* oh - = A* n + the minimum velocity will be at the neutral 
point, while the two possibilities £ 0H - > A* H + and /; OH - < 
correspond to a minimum velocity respectively on the acid and 
on the alkaline side of the neutral point. 

An early use of equations of this type was made by Wijst 
in his work on the hydrolysis of ethyl acetate. The point of 
minimum velocity was determined, and by combining this with 
the experimental values of and A* 0H - the value of K w was 
deduced. The various possibilities represented by equation ( 3 ) 
have been clearly set out by Skrabal. J The variation of velocity 
over the whole range of hydrogen-ion concentrations is best 

molecules (and hence their catalytic effect) is practically unaffected by the 
presence of reasonable concentrations of solute molecules, and the phrase 
‘spontaneous reaction’ will be retained for convenience. It will also bo shown 
in Chapter III that the hydrogen ion in solution is never an unsolvated proton, 
but always contains a solvent molecule. However, the symbol will be used 
for the present for the sake of simplicity. 

f Wijs, Z. physikal. Chein. 11, 492, 1893; 12, 514, 1893. 

\ Skrabal, Z, Elefctrochem. 33, 322, 1927. 
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represented by plotting log 10 & against pH (i.e. —log 10 [H + ]). 
The most general type of curve thus obtained is shown in Fig. 1, 
curve (a). The two extreme ranges are represented by straight 
lines with a slope of 45 °. These two lines are separated by a 
region AB in which the velocity is almost independent of pH. 
The points A and B represent fairly sudden changes of slope 



Fig. 1. The relation between pH and reaction velocity. 


from zero to 45 °. At these points the first term of equation (4) 
is comparable with the second or third term respectively, and 
their positions are therefore given by 




los '"EE 


0 


to a OH“ 



The true minimum pH 0 lies half-way between A and B. The 
velocity in the range AB is practically equal to A* 0 , which can 
thus be directly determined. 

The magnitude and position of the range AB depends on the 
relative magnitudes of A* 0 , A* n +, and A* 0H -, and the curve (a) can 
degenerate into simpler forms under special conditions. Thus, 
if A*o < V(^io*‘u f A* 0H -), the horizontal portion disappears and 
is replaced by a fairly sharp minimum (curve (6), Fig. 1). The 
velocity at this minimum point is 

^mln. = ^*H f 
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where the second term is no longer negligible. The velocity of 
the ‘spontaneous’ reaction (if any) thus cannot be directly 
observed in this case. 

If either Z* n + or Z* 0H - is very small or zero the corresponding 
45° branch is absent. Under these circumstances, if Z 0 is appre¬ 
ciable the horizontal region will extend indefinitely in one 
direction (curves (c) and (</)), while if Z 0 is negligible the plot 
becomes a single straight line over the whole range of pH 
(curves (c) and (/)). 

All reactions catalysed by acids or bases belong to one of the 
above types, and the following list gives some examples of each 
class, most of which will be discussed further in later chapters. 
The letters refer to the curves in Fig. 1. 


Reactions illustrated by Fig. / 

(a) The mutarotation of glucose. 

(b) The hydrolysis of amides, y-lactones, and carboxylic 

esters. 

The halogenation of acetone. 

(c) The hydrolysis of alkyl ortho-acetates and ortho-car¬ 

bonates. 

(d) The hydrolysis of /Mactones. 

The decomposition of nitramide. 

The halogenation of nitro-paraffins. 

(e) The hydrolysis of diazoacetic ester and of acetals. 

The inversion of sugars. 

(/) The depolymerization of diacetone alcohol. 

The decomposition of nitroso-acetonamine. 


(d) Limitations of the classical theory 

Even the earliest work on catalysis in solution revealed a 
number of points in which the classical theory was inadequate 
to account quantitatively for the experimental data. Subse¬ 
quent theoretical developments have depended largely on sub¬ 
jecting these discrepancies to a closer analysis, an account of 
which will be given in the next two chapters. We shall anti¬ 
cipate this account here by giving a list of the discrepancies, 

4503 ^ 
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and of the modifications which have been subsequently intro¬ 
duced into the classical theory. 

The discrepancies are: 

(а) The reaction velocity is not always a linear function of 
the hydrogen or hydroxyl-ion concentration as calculated 
from the conductivity. In particular, in catalysis by 
solutions of strong acids an increase of acid concentration 
invariably causes the velocity to increase more rapidly 
than the conductivity. 

(б) The reaction velocity is often affected considerably by 
the addition of neutral salts, i.e. salts which are neither 
acidic nor basic and which have no ion in common with 
the catalyst. 

(c) The addition of a salt having an ion in common with the 
catalyst usually does not depress the velocity as much as 
would be expected from the simple law of mass action. 

The following are the chief modifications and additional 
assumptions which have been introduced into the classical 
theory: 

(i) The ionic concentrations of strong electrolyte solutions 
are not directly proportional to their conductivities. 

(ii) The simple law of mass action does not apply exactly 
to ionic equilibria. 

(iii) The reaction velocity in ionic systems is not exactly a 
linear function of the concentrations, but depends on 
other properties of the solution. 

(iv) Hydrogen and hydroxyl ions are not the only catalysing 
species. 

Of these, (i), (ii), and (iii) are closely connected with modern 
electrolyte theory, and are discussed in Chapter II under the 
heading of ‘salt effects’, (iv) is the basic assumption of the 
theory of general acid-base catalysis, and is dealt with chiefly 
in Chapter IV. 



CHAPTER II 

SALT EFFECTS 


(a) The bearing of modern electrolyte theory on reaction 

kinetics 

The velocity of reactions in solution (whether catalytic or 
not) is often affected considerably by the addition of salts, and 
the phrase ‘catalysis by neutral salts' was at one t hue frequently 
used in this connexion. However, it is now realized that only 
in a few cases are these effects due to any direct catalytic action 
by the added salt, and we shall use tlie term ‘salt effect’ in 
a much wider sense to cover the various ways in which modern 
electrolyte theory bears on the interpretation of reaction kine¬ 
tics in solution. This field is not confined to catalytic reactions, 
but a large proportion of the work has in fact been done with 
this type of reaction, and many of the early dilliculties in the 
study of homogeneous catalysis were due to ignorance or neglect 
of the special properties of ions. Since the catalyst itself is often 
ionic, the problem arises even when no other electrolyte has 
been added to the system, and even in recent years a misunder¬ 
standing of the factors involved has often invalidated the inter¬ 
pretation of experimental data. 

In this connexion there are two main points at which modern 
views on electrolytes have impinged on the study of catalysis. 
The first is the general question of the complete dissociation of 
strong electrolytes, and its influence has been mainly a negative 
one, in that it has disproved many of the conclusions based 
upon ‘degrees of dissociation’ derived from conductivity data. 
The second point concerns the electrostatic forces between the 
ions and their effect upon the equilibrium and velocity con¬ 
stants involved in catalysis. In this direction it has been pos¬ 
sible to arrive at a satisfactory qualitative theory of salt effects, 
and in some cases to make quantitative predictions. 


(6) Complete dissociation of strong acids and bases 

It is now believed that those electrolytes commonly classed 
as strong are practically 100 per cent, dissociated in aqueous 
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solution, even at concentrations where the conductivity ratio 
indicates a considerably smaller degree of dissociation. Com¬ 
pelling evidence for this view was first brought forward as early 
as 1906 by Bjerrumf and by Hantzsch, J though it was not until 
considerably later that their views became generally accepted. 
Among the catalysts which are now regarded for most purposes 
as completely dissociated are the hydroxides of the alkali and 
alkaline earth metals, the acids HC10 4 , HC1, HBr, HI, and the 
sulphonic acids. In these cases, therefore, the ionic concentra¬ 
tions are not given correctly by the conductivities, and are 
much more accurately represented by the stoichiometric con¬ 
centration of the acid or base. It is in fact found in general 
that the catalytic effect of these substances is more accurately 
proportional to their total concentrations than to the ionic 
concentrations calculated from the conductivity ratio. To illus¬ 
trate this we have chosen from the large volume of available 
data two instances in which the catalyst concentration has been 
varied through a wide range. Table III contains the data of 
Dawson and Lowson§ on the acid hydrolysis of ethyl acetate, 
and Table IV the results of Koelichen|| and of LaMer and 
Miller^f on the decomposition of diacetone alcohol catalysed by 
hydroxyl ions.ff 

It will be seen from these tables that the values of k/c remain 
sensibly constant in spite of variations of 13-16 per cent, in the 
‘degree of dissociation’ as measured by A/A 0 . (The activity 
coefficients given in the last column will be discussed later— 
see p. 25.) A similar state of affairs is encountered in non- 

t Bjcrrum, Dct kgl. Dansk Vid. Sclskab. Skr . (7) 4, 1, 1906 ; Proc. 7th Intemat . 
Con. Applied Chcm., London, 1909, Section X; Z . anorg. Chem. 63, 146, 1909; 
Fysisk Tidsskr. 15, 59, 1916; Z. Elektrochem. 24, 321, 1918. 

t Hantzsch, Ber. 39, 3080, 4153, 1906; 41, 1216, 4328, 1908; Z. physikal. 
Chem. 63, 367, 1908; 72, 362. 1910; 84, 321, 1913. 

§ Dawson and Lowson, J . Chem. Soc. 2146, 1928. 

|| Koelichcn, Z. physikal. Chem. 33, 129, 1900. Those experiments were 
carried out at 25*2°, and the velocity constants have therefore been diminished 
by 1*3 per cent, to make them comparablo with those at 25°. 

H LaMer and Miller, J. Amer. Chem. Soc. 57, 2674, 1935. 

ft Data by French {J. Amer. Chem. Soc. 51, 3215, 1929) and Murphy (ibid. 
53, 977, 1931) for the same reaction givo velocity constants which are through* 
out about 5 per cent, higher than those in Tablo IV, but which are again 
directly proportional to the total catalyst concentration. 
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Table III 

Hydrolysis of ethyl acetate at 25°, catalyst HC1 


k = first-order velocity constant, min. -1 


c (HC1) 

k/c 

A/A 0 1 

/(IICI) 

0-0002 

0-43 

0-999 

0-993 

0-0005 

6-50 

0-998 

0-984 

0-0010 

6-50 

0-997 

0-965 

0-0020 

6-49 

0-990 

0-957 

00100 

6-54 

0-984 

0-924 

0-0200 

6-45 

0-973 

0-892 

0-0400 

6-50 

0-952 

0-860 

0-1000 

6-48 

0-903 

0-814 

0-2000 

6-57 

0-895 

0-783 

0-5000 

6-76 

0-865 

0-762 


Table IV 

Decomposition of diacetone alcohol at 25°, catalyst NaOH 


k = first-order velocity constant, min. -1 


Author 

c (NaOH) 

k/c. j 

A/A 0 

/ (NaOH) 

(1) 

0-00471 

2-20 

0-970 1 

0-936 

(1) 

0-00942 

2-32 

0-955 

0-904 

(1) 

0-0188 

2-29 

0-901 

0-865 

(2) 

0-0205 

2*22 

0-897 

0-860 

(2) 

0-0292 

| 2-23 

0-885 

0-838 

(1) 

0-0471 

2-32 

0-867 

0-810 

(2) 

0-0518 

2-24 

0-861 

0-804 

(2) 

0-0616 

i 

2*22 

0-854 

0-793 

(2) 

0-0710 

2*22 

** i 

0-848 

0-782 

(2) 

0-0864 

2-19 

0-843 

0-770 

(1) 

0-0942 

2-28 

0-840 

0-766 

(2) 

0-1045 

2-21 

0-838 

0-760 


(1) Koclichen. (2) LaMer and Miller. 


aqueous solutions. The direct proportionality between catalyst 
concentration and reaction velocity found by Goldschmidt for 
esterification reactions in methyl and ethyl alcohols*)* was, in 
fact, part of the evidence originally brought forward by Bjer- 
rumj in support of the hypothesis of complete dissociation of 
strong electrolytes in these solvents. 

f Collected results in Z. physikal. Chem. 81, 30, 1912; 94, 223, 1920. 
t Bjerrum, Fysisk Ticisskr. 15, 59, 1916; Z. Elektrochem. 24, 321, 1918. 
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It is by no means true to say that the velocity of a reaction 
catalysed by a strong acid or base is universally or exactly 
proportional to the catalyst concentiation. in fact, the whole 
sublet of primary salt effects (p. 21) deals with deviations 
from this rule. On the other hand, there is no doubt that the 
velocity is much more nearly proportional to the concentration 
than to the conductivity, and it is in this respect that the 
classical theory is modified by the concept of complete dissocia¬ 
tion of strong electrolytes. 


(c) Secondary salt effects 

If weak electrolytes are present in the catalytic system 
studied it becomes necessary to consider the effect of electrolyte 
concentration upon the ionic equilibria and hence upon the con¬ 
centrations of catalysing species such as hydrogen or hydroxyl 
ions. These effects (which are usually termed ‘secondary salt 
effects’) are purely thermodynamic in nature, and are present 
even in systems where no reaction (catalytic or otherwise) is 
taking place. They are, however, of great importance in inter¬ 
preting catalytic data and will therefore be considered in some 

detail. 

Arrhenius*)* knew that the catalytic effect of a weak acid is 
increased by the addition of a catalytically inert salt, and sug¬ 
gested that this was due to an increase in the degree of dissocia¬ 
tion. This view is now generally accepted, and may be expressed 
in terms of the activity coefficients of the species present. For 
the dissociation of a weak acid HA, we have 


[H + ][A ]/h+/a- 


A, 


( 1 ) 


[HA] /ha 

where K is the true or thermodynamic dissociation constant, 
depending only on the temperature and the solvent. The ‘clas¬ 
sical’ concentration dissociation constant K c is thus given by 

= [H+][A-] _/ha 
[HA] 


IC. 


( 2 ) 


/h + /a~ 

The activity coefficient of the undissociated molecule will be 


f Arrhenius, Z. physikal. Chew* 31, 197, 1899. 
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little influenced by the ionic concentration: on tlie other hand, 
owing to the powerful electrostatic forces between the ions, 
the activity coefficients of both H + and A~ will decrease with 
increasing ionic concentration, thus causing an increase in K r . 
Apart from methods involving reaction velocities, K c can be 
measured in salt solutions by methods involving the optical 
properties of the reactants (e.g. light absorption, as in indica¬ 
tors), or (with some reservations connected with liquid junction 
potentials) by measuring the E.M.F. of cells involving hydrogen 
or quinhydronc electrodes. Numerous experiments of t his kind 
have been carried out, and in all cases the value of K r is found 
to increase initially with increasing salt concentration. The 
magnitude of this effect may be illustrated by 'Fable V, con¬ 
taining data obtained electromctrically by Larsson.f 

Table V 

Concentration dissociation constant of acetic acid in 

salt solutions 


18^ C. vi = salt molality. 


ve>K c 


7)1 

in KC1 

in SrCL 

0 

174 

174 

001 

1-86 

• • 

005 

2-19 

• • 

01 

2-69 

3 09 

0-2 

2-95 

3-47 

0*5 

317 

4 07 

1-0 

2-95 

4-37 

20 

219 

3-89 


It is important to note that the ions formed by the dissocia¬ 
tion of the weak electrolyte will contribute to these interionic 
effects in just the same way as the ions of an added salt. This 
factor is not so important in a solution containing only a weak 
electrolyte, since in these cases the ionic concentration is 
small. However, in a buffer solution such as acetic acid plus 
sodium acetate the acetate ions must be taken into account 

t Larsson and Adell, Z. physikal. Chctn. 156 A, 352, 1931. 
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in calculating the total salt concentration, in spite of the fact 
that they also take part in the dissociation equilibrium. 

The interionic attraction theory of electrolytes does not only 
p:ive a qualitative interpretation of the effect of ionic concentra¬ 
tion upon dissociation constants, but enables important quanti¬ 
tative predictions to be made in many cases. The treatment 
of Debye and Hiickelf gives for the activity coefficient of an 
ion of charge z t in dilute solutions the expression 

—log V) fi = Az\*Ip. (3) 

the ionic strength, is defined by 

p = “ 2 2 C i Z i> (4) 

where and are respectively the molality and equivalent 
concentration of an ion of species i> and the summation includes 
all the ions present in the solution. The constant A depends 
only on the temperature and the nature of the solvent: for 
aqueous solutions at ordinary temperatures it has the value of 
approximately 0*5. Equation (3) represents a limiting law for 
very dilute solutions, and for univalent ions in water is valid 
only up to about fi — 0*01. The range of validity may be 
extended up to about = 0* 1 by the addition of a linear term, 
giving (for univalent ions) 

—logio/i = A\'h+Bh, (5) 

where B is an empirical constant (negative in sign) depending 
on the nature of the ion i and (to a lesser extent) on the nature 
of the other ions present. 

Equations (3) and (5) have been confirmed experimentally 
for strong electrolytes in a wide variety of cases. When applied 
to the dissociation of a weak electrolyte HA they give 

lo gio A "c = l°g 10 K+ZAs'fi+B'fi, (6) 

the last term being negligible in sufficiently dilute solutions. 
The validity of this equation is illustrated by Fig. 2, which 

t Debyo and Hiickol, PhysikaL Z. 24, 186, 1923. For a general account of 
the intcrionic theory see H. Falkenhagen, Elcktrolytc , Leipzig, 1932: English 
edition, Oxford, 1933. 
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shows the values of K r for monochloracetic acid at difTeront 
concentrations calculated from conductivity measurements.f 
The straight line in the figure corresponds to t ho term 2A\)l 
in equation (6). (The apparent decrease in K c at higher con¬ 
centrations is due to the change of medium produced by the 
large concentrations of undissociated acid.) Equation (0) has 
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Fig. 2. The variation of K 0 with ionic strength. (Monochloracetic ncid.) 


also been confirmed in a large number of cases for buffer 
mixtures and solutions containing added salts. J 

Equation (6) only applies to an equilibrium where an un¬ 
charged molecule dissociates into two univalent ions. In some 
cases the concentration of hydrogen or hydroxyl ions may be 
controlled by a different type of equilibrium: e.g. in a solution 
of an ammonium salt we have 

NH+ ^NH 3 +H+ 
and in a solution of a bisulphate 

hso 4 - ^S0 4 =+H+. 

The general case may be written 

A ^ B+ H+, (7) 

f Mclnnes, Shedlovsky, and Longsworth, Chon. Bcv. 13, 28, 1933. 

J Cf., e.g., Cohn, Heyroth, and Menkin, J. Amer. Chon. Soc. 50, 696, 1928; 
Bjerrum and Unmack, Det kgl. Datisk Vid. Sclskab. Skr. 9, 1, 1929. 
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where the (positive) valency of A is z and that of B z —1. In 
this case equation (5) gives 

lo glo !^Op = log 10 K C = log 10 K a — 2A (z 1) B'n, (8) 

z being given its correct algebraic sign. 

The bearing of these 'salt effects’ upon catalysed reactions 
was first fully realized by Bronstedf and a large proportion of 
the experimental work on this subject comes from his labora¬ 
tory. % It should be observed that the magnitude of the observed 
kinetic effect will depend largely on the ratio between the con¬ 
centrations of the species taking part in the equilibrium. Thus 
consider the equilibrium (7), catalysis being caused by the 
hydrogen ions. If [H+] = [B] (i.e. the solution contains a weak 
acid alone), the change in dissociation constant will affect both 
these concentrations equally. If [A] and [B] are both of the 
same order of magnitude and large compared with [H+] (i.e. in 
a buffer solution), then only the hydrogen-ion concentration 
will be appreciably affected, and the effect of the salt con¬ 
centration will be twice as great as in the previous case. Finally, 
if [A] is small compared with both [B] and [H + ] (i.e. in a 
solution of a strong acid), [H + ] will be almost unaffected by 
changes in ionic strength, and the secondary salt effect will 
be zero. 

The case of the weak acid may be illustrated by Table VI, 
containing the results of Bronsted and Teeter§ on the decom¬ 
position of diazoacetic ester catalysed by 0*05 M acetic acid in 
presence of varying concentrations of KNO a . The table also 
shows the hydrogen-ion concentration calculated from the velo¬ 
city (on the basis of experiments w r ith 0-001 N HNO a ), and the 
dissociation constant of acetic acid calculated from this value 
of [H + ]. These K c values may be compared with those given 
in Table V. 

t Bronsted and Pederson, Z. physikal. Chem . 108, 185, 1924. 

t e.g. Bronsted and Teeter, J. Phys. Chem. 28, 679, 1924; Bronsted and 
King, J. Amer. Chem. Soc. 47, 2523, 1925; Kilpatrick, ibid. 48, 2091, 1926; 
Bronsted and Wynne-Jones, Trans. Farad. Soc. 25, 69, 1929. 

§ Bronsted and Teeter, J. Phys. Chem. 28, 679, 1924. 
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Table VI 

Decomposition of diazoacetic ester in 0 05 M acetic 

acid at 15° 


k — first-order velocity constunt, min. 1 


(Kno 3 ) 

10 »A- 

io*(Hq 

10 5 /f e 

0 

12*71 

9*52 

1*85 

0005 

1310 

9*77 

1 95 

001 

13*45 

10*07 

2*07 

002 

13*70 

10*27 

2*15 

005 

14*19 

10*02 

2*30 

010 

14*58 

10*90 

2*44 


Bronsted and Teeter also found that if the hydrogen-ion con¬ 
centration were controlled by the equilibrium 

[Cr(H 2 0) 9 ] +++ ^ [Cr(0H)(H 2 0) 5 ] ++ +H + , 

then the reaction velocity was considerably decreased by the 
addition of KN0 3 . This is in qualitative agreement with equa¬ 
tion (8) with z = + 3. 


Table VII 

Hydrolysis of acetal in formate buffers at 20° 

Formic acid : formate = 2*90 throughout. 
k = first-order velocity constant, min. -1 


(Formic acid) 

( Formate ) 

(NaCl) 

Ionic strength 

10 3 A* 

0*0296 

0*0100 

• • 

0011 

12-5 

0*0592 

0*0200 

• • 

0*020 

13 4 

0*1480 

0*0500 

• • 

0*050 

15-1 

0*2220 

0*0750 

• • 

0*075 

16*4 

0*2960 

0*1000 

• • 

0*100 

17-8 

0*1776 

0*0600 

0*0400 

0*100 

17-6 

0*0987 

0*0333 

0*0667 

0*100 

17-7 

0*0222 

0*0075 

0 0925 

0*100 

18*2 


The secondary salt effect in buffer solutions is illustrated 
by the data obtained by Bronsted and Wynne-Jonesf for the 
hydrogen-ion catalysed hydrolysis of acetal in formate buffers. 
These results are given in Table VII. The first four results 
show the result of varying the total buffer concentration, keep- 


| Bronsted and Wynne-Jones, Trans. Farad. Soc. 25, 59, 1929. 
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ing the stoichiometric ratio [formic acid]: [formate] constant,f 
while the last three show the effect of adding sodium chloride. 
It will be seen that the replacement of formate ion by chloride 
ioTi at constant ionic strength has little effect upon the velocity: 



(«> 



this is in agreement with equation (5). The variation of velocity 
with salt concentration corresponds to a variation in K c for formic 
acid from 2-24 x 10~ 4 at /x = O01 to 2*85 X 10~ 4 at /jl = 0*1. 

Exactly similar considerations apply to hydroxyl-ion cata¬ 
lysis in presence of weak electrolytes. Thus, in a piperidine- 

f The actual ratios differ slightly from the stoichiometric ones, since the 
liydrogen-ion concentrations are not negligible compared with the concentra¬ 
tions of the buffer constituents. The observed velocity constants have been 
corrected to allow for this. 


Th» J A K. Untvers ty Ubrarf 
A co. }’ >■ 
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piperidinium-ion buffer the hydroxyl-ion concentration is 
governed by the equation 

C 5 H n N+H 2 0 ^ C 5 H n NH++OH-, 
while in a buffer composed of Na 2 HP0 4 and Na 3 P0 4 the corre¬ 
sponding equilibrium is 

POf+H 2 0 ^ HoPCV + OH". 

It is easily seen by applying equation (5) to these equilibria 
that increasing salt concentration will increase the hydroxyl- 


ion concentration in the first case and will decrease it in the 
second case. In agreement with this, Bronsted and Kingt found 
that in the hydroxyl-ion catalysed decomposition of nitrosotri- 
acetonamine the velocity in piperidine-piperidinium buffers was 
increased by the addition of sodium chloride, while in phosphate 


buffers this addition caused a large decrease. 


Their results are 


illustrated in Fig. 3, where the equilibrium constants of the 


buffers (calculated from the observed velocities) are plotted 


against the total equivalent salt concentration. These results 
show with particular force the inadequacy of the simple law of 


mass action for the ionic equilibria of 




a 1 r s\ 1 /\ s t 4- *1 


(d) Primary salt effects 

This aspect of the effect of electrolyte concentration is not 
concerned with the displacement of equilibria in the reacting 
systems, but with the actual kinetic constants (e.g. the catalytic 
constants k 0 , * H + > ancl *oh- in equation (3), Chapter I). It can 
easily be shown that such an effect must necessarily be present 
in some cases. Thus, consider a balanced reaction 

A-\-B ^ C-\~D y 

v 2 

where some or all of the reacting species are ions. The simplest 
assumption which w r e can make about the forward and reverse 

velocities v x and v 2 is that 

^ = k x [A][Bl v 2 = k 2 [C][D] t (9) 

and hence at equilibrium 

K = m = h 

C [A][B) ky 

t Bronsted and King, J. Atner, Chon. «boc. 47, 2523, 1925. 


(10) 
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Provided the concentrations are sufficiently low, K c will depend 
only on the temperature and the solvent, and we may reason¬ 
ably assume that the same is true for k x and k 2 . However, if the 
ionic concentrations become appreciable (either by increasing 
the concentrations of the reactants or by adding other electro¬ 
lytes), then in general K c will vary with the salt concentration, 
as shown in the preceding section. Under these conditions it 
is not possible for both of the velocity constants k x and k 2 to 
remain independent of the salt concentration, and at least one 
of them will therefore exhibit a ‘salt effect’. 

These considerations may be expressed in a more general way 
by saying that if a change of medium produces a displacement 
of equilibrium in a given type of reaction, then the velocities 
of this type of reaction must also be affected by the change of 
medium. Usually, of course, the addition of a small amount 
of solute does not constitute an appreciable change of medium, 
but if the solute is an electrolyte the effect may be appreciable 
owing to the powerful electrostatic fields surrounding the ions. 
Thus a relatively small amount of electrolyte may have a large 
effect on the properties of a non-electrolyte in solution: e.g. the 
solubility of oxygen in water is decreased by about 20 per cent, 
by the addition of 3 per cent, of sodium chloride.f 

In order to observe these primary salt effects in acid or base 
catalysed reactions, it is, of course, necessary to study primarily 
catalysts which are strong electrolytes, e.g. HC1, HBr, HI, 
HC10 4 , sulphonic acids, and solutions of metallic hydroxides. 
(The same type of effect will also be present in systems con¬ 
taining weak electrolytes, although the interpretation of the 
results will be complicated by the simultaneous operation of 
the secondary salt effects described in the preceding section.) 
Since these catalysts are themselves electrolytes, increase of 
catalyst concentration also produces a change of ionic environ¬ 
ment, and leads to effects similar to those produced by the 
addition of other electrolytes. The existence of a salt effect 
with this type of catalyst was among the first points to be 
studied experimentally, although before it was realized that 

t Cf. Geffcken, Z . physikal. C/iem. 49 , 267, 1904. 
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such strong electrolytes are completely dissociated the effects 
were often attributed to a change in the degree of dissociation 
of the catalyst. Among the very largo number of catalytic 
reactions which have been studied exhaustively from this point 
of view we may mention the inversion of cane sugar by acids,f 
the hydrolysis of esters by acidsJ and by alkalis,§ the hydro¬ 
lysis of acetals by acids,|| and the depolymerization of diacetone 
alcoj^ol by bases. 

The results of these and many similar investigations on the 
/primary salt effect of catalysed reactions may be summed up 
in the following generalizations: 

(а) For a given reaction and a given added salt, the per¬ 
centage change in velocity is a linear function of the salt con¬ 
centration. This law appears to hold almost universally up to 
about 0-2 N, and is often valid up to much higher concentra¬ 
tions. 

(б) The magnitude of the effect depends upon the individual 
nature of the reaction and of the added salt, there being no 
general relation to the charge type. 

(c) The addition of salt invariably causes an increase of 
velocity (positive salt effect) in reactions catalysed by hydrogen 
ions, while for hydroxjd-ion catalysis the effect is sometimes 
positive and sometimes negative. 

(d) When the hydrogen ion is the catalyst the specific effect 
of the salt added depends chiefly on the nature of its anion, 
while for hydroxyl-ion catalysis the nature of the cation is the 
more important factor. 

(e) The magnitude of the effect rarely exceeds 4-5 per cent. 

f Arrhenius, Z. physikal. Chnn. 4, 226, 1880; Palmaer, ibid. 22, 402, 1807 ; 
Euler, ibid. 32, 348, 1900; L. Bowe, J. Phys. Chcm. 31, 290, 1027. 

X Euler, Z. physikal. Chem. 32, 348, 1000; Pomn, Mcdd. Vetenskapsakad. 
Nobelinst. 2, No. 11, 1012; Taylor, ibid. 2, No. 34, 1013; Akerlof, Z. physikal. 
Chcm. 98, 260, 1921; Hamed, J. Amcr. Chcm. Soc. 40, 1461, 1918; Bowe, 
J. Phys. Chcm. 31, 290, 1927. 

§ Arrhenius, Z. physikal. Chcm. 1, 110, 1887; Spohr, ibid. 2, 194, 
1888. 

|| Bronsted and Wynne-Jones, Trans. Farad. Soc. 25, 59, 1929; Brbnsted 
and Grove, J. Amcr. Chcm. Soc. 52, 1304, 1030. 

Ti Koelichen, Z. physikal. Chcm. 33, 129, 1900; Akerlof, J. Amcr. Chem. 
Soc. 48, 3046, 1926; 49, 2955, 1927; 50, 1272, 1928. 
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in N/10 solutions of uni-univalent salts, though in a few cases 

it may be as high as 10—12 per cent. 

It is important to realize the experimental differences between 
this primary salt effect and the secondary salt effect already 
described. In the latter case the effect (in dilute solutions) is 
proportional to the square root of the salt concentration, and 
its magnitude is to a first approximation independent of the 
nature of the reaction and the nature of the added salt, de- 
pending only on the nature of the catalysing system and the 

ionic strength. 

The primary salt effect is not confined to catalysed reactions, 
but appears generally in any chemical reaction involving ions. 
(From a kinetic point of view there is no essential difference 
between a catalysed reaction and an ordinary bimolecular re¬ 
action, the former being merely a special case of the latter in 
which one of the reactants emerges unchanged.) Moreover, 
in reactions involving two ions the effect of added salt is often 
very large, and is by no means linear. Although very few 
catalysed reactions involve two ions (the substrate being almost 
always uncharged), this type of reaction has played an important 
part in the development of the general theory of salt effects, and 
will therefore be included in the following considerations. 

The existence of the primary salt effect clearly calls for some 
revision of the simple kinetic law of mass action (9), and sug¬ 
gestions for such revision have been numerous. Thus Arrhe- 
niusf at first suggested that the addition of salt to solutions of 
strong acids increased the ‘activity’ (i.e. the reactivity) of the 
hydrogen ions, while laterj he concluded that the reaction 
velocity was proportional to the osmotic pressure rather than 
to the concentration of the catalyst. However, the first theory 
to gain any general support was the activity rate theory , based 
on the thermodynamic activity concept introduced by 6. N. 
Lewis. If we again consider the balanced reaction 

A + B ^ C+D , 

”2 

t Arrhenius, Z. physikal. Chcm. 4, 226,1880. % Ibid. 28, 319,1899. 
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the thermodynamic law of mass action gives 

fcfn _ a c a p __ jr 

a In ( >a»u 

where K now depends only on the temperature, any other 
changes in environment being accounted for by variations in 
the activity coefficients. Any generally valid expressions for the 
forward and reverse reaction velocities v x and v 2 must be con¬ 
sistent with this equation, i.e. wc can write in general 

t’i = i-j [A][B]f A f n p = k- l a A a Ii p, 

V 2 = \{_ B \fC fI > ft ~ ^"2 a f . a D ft, 

where Jc Y and k 2 depend only on the temperature, while ft can 
be any function of the environment, but must be the same for 
the forward and the reverse reaction. The activity rate theory 
takes the simplest possible expression, i.e. ft = l y giving 

v i = *1 [ a ][ b ]Ja fu = k\a A a D . (13) 

This type of expression has in the past received considerable 
support, notably from Harned,f but it is now clear, on both 
theoretical and experimental grounds, that it cannot be generally 
valid. For example, since the activity coefficients of ions are 
always decreased by the addition of small quantities of salt, all 
reactions involving ions should, according to equation (13), 
show a negative salt effect in dilute solution. Actually both 
positive and negative effects are found, the former being on the 
whole more frequent. The inadequacy of the activity rate 
theory for catalysed reactions is illustrated by the data given 
in Tables III and IV, where the last column gives the mean 
activity coefficients of the catalysing electrolytes (HC1 and 
NaOH respectively). It will be seen that in each case the 
reaction velocity remains directly proportional to the catalyst 
concentration in spite of variations of 25 per cent, in the activity 

f Harned, J. Amcr. Chem. Soc. 37, 2460, 1015; 40, 1461, 1918; Harned 
and Seitz, ibid. 44, 1475, 1922; Harned and Pfanstiel, ibid. 44, 2193, 1922; 
Jones and Lewis, J. Chem. Soc . 1120, 1920; Moran and Lewis, ibid. 1613, 
1922; Scatchard, J. Amcr. Chem. Soc. 43, 2387, 1921; Fales and Morell, ibid. 
44, 2071, 1922. 
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coefficients. It has been pointed out by Bronstedf that in 
several cases data produced to support the activity rate theory 
are actually in better accord with the simple concentration 

expression (9). 

There is, moreover, a general theoretical objection to equa¬ 
tion (13) when applied to ions. It has been shown by a number 
of writers J that the activity (or activity coefficient) of a single 
ion can never be derived from thermodynamic measurements, 
and, more generally, that a product |^J[ fi * only has a physical 

significance provided that ^ tij Z; = 0? being the algebraic 

value of the ionic charge. Equation (13) will therefore only be 
acceptable if the reacting species A and B are uncharged, or 
have equal and opposite charges. In order to overcome this 
difficulty, and to relate the velocity to observable quantities, 
Harned and Akerlof§ have proposed the introduction of the 
activity product of the two ions of the catalyst, e.g. % a + ®oh - 
for catalysis by NaOH. However, with this modification it was 
found necessary to assume that the velocity is proportional to 
some such function of the activities as V( a Na +a OH-)>ll and apart 
from the doubtful physical significance of such expressions, it 
is clear that they are inconsistent with the thermodynamic 
requirements of equation (12). 

The most important advance in the theory of primary salt 
effects was made by Bronsted in 1922.^1 Modern theories of 
chemical reaction indicate that in all reactions proceeding at 
a measurable rate the system passes through a series of inter¬ 
mediate states in which its potential energy is higher than in 
either the initial or the final state. The particular configuration 
corresponding to the maximum potential energy is termed the 
critical configuration, or, in the ease of a reaction between two 
molecules or ions A and B , the ‘critical complex’ of A and B . 

t Bronstod, Chon. Rev. 5, 277, 335, 1928. 

X Harned, J. Phys. Chon. 30, 433, 1926; Taylor, ibid. 31, 1478, 1927; 
Guggenheim, ibid. 33, 842, 1929; 34, 1540, 1930. 

§ Summarized by Harned and Akerlof, Trans. Farad. Soc . 24 , 666, 1928. 

j| Cf. also Grube and Schmidt, Z. physikal. Chcm. 119, 19, 1926. 

11 Bronstod, ibid. 102, 169, 1922. 
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The importance of this critical state had long been realized in 
connexion with the effect of temperature on reaction velocity, 
but Bronsted was the first to apply the same ideas to the effect 
of a change of medium. He pointed out that the reaction 
velocity was not conditioned by the properties of the reactants 
alone, but rather by the difference between the properties of 
the reactants and those of the critical complex. To take this 
factor into account, he proposed that the factor ft in equation 
(12) should be written l// v , where f x is the activity coefficient 
of the critical complex, so that the velocity equation becomes 


'i = k t [A)[B] f -±h = 

J X J X 


( 14 ) 


It will be seen shortly that equation (14) has been so fully 
confirmed by experiment that there can be no doubt as to its 
essential correctness. There has, however, been some contro¬ 
versy as to the correct theoretical deduction of this equation 
and the exact nature of the complex A r . Bronsted, in his 
original formulation and a later more detailed discussion,*)' sup¬ 
posed that the rate-determining step is the formation of A f rom 
A and B , and justified equation (14) by rather arbitrary 
assumptions about the relation between reaction velocity and 
chemical potentials. Christiansen J considered the problem in 
detail from the point of view of the Debye-Hiickel theory, and 
produced a satisfactory treatment for dilute electrolyte solu¬ 
tions (cf. equation (15) below). His method does not, however, 
throw much light on the reasons for the general validity of (14). 
Bjerrum§ has given a derivation which is very simple and which 
is closely related to modern views on the subject. He treats 
the complex X as an ordinary chemical species which is in 
equilibrium with A and B: i.e. in the reaction scheme 

A i 

A + B ^ X -> C+D, 

k_ 1 £ 2 . This assumption makes the second step the rate- 

t Ibid. 115, 337, 1925. 

X Christiansen, ibid. 113, 35, 1924. 

§ Bjorrum, ibid. 108, 82, 1924. 
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determining one, in contrast to BrCnsted s treatment. We can 
then apply the thermodynamic law of mass action 

[X] f x __ K 
[A][B]f A f B 

(where depends only on the tenipero/fcure) 9/nd the reaction 
velocity is given by 

= K[X] = KklA][B]M*, 

JX 

This is identical with (14), provided that we can assume that 
k 2 is independent of the environment. 

Bjerrum’s derivation has been subjected to various criticisms, 
particularly as regards this last point.*j* If X is an ordinary 
chemical species decomposing at a measurable rate, there seems 
no reason why the rate of its reaction should be independent of 
salt concentration or other changes of medium. This difficulty 
is overcome by the modern transition state theory of reaction 
kinetics. A simple form of this theory will be given here, though 
reference must be made to other papers and discussions for a 
fuller treatment.{ The transition state theory has, of course, 
a bearing on many kinetic problems, but the formulation of 
medium and salt effects constitutes one of its most useful 
applications. 

Consider the system in complete equilibrium represented by 

A + B ^ X ^ C+D> 

where the meaning of the ‘critical complex’ or ‘transition state* 
X must now be examined more closely. As A and B approach, 
react, and finally give C and D , the system passes through a 
series of states of different energy and probability. The state 
of lowest probability (and highest energy) is described as the 
transition state. Since it is less probable than any neighbouring 
states, we can assume that every time a system passes through 
the transition state in either direction the reaction is completed 

t Bronsted, Z. physikal. Chem . 115, 337, 1925; LaMer, Chem. Reviews, 10, 
179, 1932. 

t Eyring, J. Chem . Phys. 3, 107, 1935; Wynne-Jones and Eyring, ibid. 3, 
492, 1935; Evans and Polanyi, Trans. Farad. Soc. 31, 875, 1935. Discussions 
in J. Chem. Soc. 629, 1937; Trans. Farad. Soc. 34, 1-267, 1938. 
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in that direction. If, therefore, we can determine the ‘popula¬ 
tion’ of the transition state and the average time which a system 
spends in this state, we can obtain an expression for the reaction 
velocity. 

is in most respects just like an ordinary 
chemical species, but there is one important difference. In a 
stable chemical species the potential energy is a minimum with 
respect to all changes in the coordinates describing its con¬ 
figuration (e.g. internuclear distances). For this reason the 
species can be defined and its concentration fixed without speci¬ 
fying any exact limits between which these coordinates must 
lie: since the probability decreases rapidly with any variation 
of the coordinates from their equilibrium positions, this pro¬ 
cedure is quite satisfactory. In the transition state, however, 
there is one coordinate in which the potential energy is a maxi¬ 
mum instead of a minimum. This coordinate corresponds to 
the type of motion which brings about reaction, and is con¬ 
veniently termed the reaction coordinate 1. In order to define 
the transition state precisely and to fix its concentration it is 
necessary to specify limits between which l must lie. If / 0 
represents the value of l corresponding to the maximum of 
potential energy, then we can define the transition state as 
including all systems for which I is between I 0 +\8I and / 0 — £8/, 
where SI is an arbitrary small distance. No restrictions need 
be put upon the values of the other coordinates. 

The transition state includes not only those systems having 
a potential energy just equal to the activation energy, but also 
all systems having more than this amount of energy. Part of 
this excess energy will appear as kinetic energy along the 
reaction coordinate /, and it is a consequence of the equiparti- 
tion principle that the average excess energy in this degree of 
freedom is \kT. (Reference to the general distribution law will 
show that the average energy in excess of a fixed amount E 0 
in a single degree of freedom is always ikT, independent of the 
value of E 0 .) Since the potential energy does not vary appre¬ 
ciably within the narrow range 81, the rate of change of l with 
time in the transition state can be represented by a linear 
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velocity, the average value of which is given by %fiv 2 — \kT. 

U is a ‘reduced mass’ for the type of motion leading to reaction, 
and depends only on the masses of the nuclei concerned and 
the directions in which they move. It is not always easy to 
derive the value of p in particular cases, but for present pur¬ 
poses the important point is that the value of the velocity v is 
not affected by alterations of environment, such as change of 
solvent or salt concentration. The average time spent in the 
transition state is then 8l/v, and the total number of systems 
passing through the transition state in unit time is [X]vj8l per 
unit volume, where [X] is the volume concentration of critical 
complexes. Since there is complete equilibrium between the 
initial, final, and transition states, equal numbers of systems 
pass through the transition state in opposite directions. The 
reaction velocity in a forward direction is therefore 

v i — ^v[X]/S£. 

The definition of X involves the arbitrary distance 81, so that 
the concentration of systems defined as belonging to the species 
X is proportional to 81 (provided that 81 is sufficiently small). 
Nevertheless, it is permissible to treat X as a definite thermo¬ 
dynamic species, since its formation requires definite changes 
in energy, entropy, free energy, etc. Thus we can w'rite for the 
equilibrium between A, B, and X 

[-^■] fx — x 
[A][B] f A f B 

where K has the dimensions and properties of an ordinary 
equilibrium constant, but, since it contains [X], is proportional 
to 81. Combining the last two equations, v r e have 


Kv f A f n 




1 28 f x 

and hence for the velocity constant of the forward reaction 



<’i l[A][B] 


*-v/a/b 

25 1 f x ' 


(14 a) 


In this expression the activity coefficient factor is identical 
with that in equation (14), and the remaining factor contains 


quantities which depend only on the temperature.f Any change 
of environment is accounted for by changes in the activity 
coefficients. In dealing with solvent effects it is convenient to 
choose the standard state so that the activity coefficients are 
unity in the gas phase, while for salt effects they become unity 
at very low salt concentrations. 

The above derivation applies directly only to the reaction 
velocity in a system at complete equilibrium, which is, of course, 
not normally observable. However, it is fairly safe to assume 
that the velocity constants thus obtained are also valid when 


the system is removed from equilibrium, and that the laws 
derived can be usually applied to reactions which go so nearly 
to completion that no reverse reaction is detectable. This 
assumption might break down if the equilibrium distribution 
of molecular energies and posit ions were seriously disturbed by 
the reaction taking place, but under these conditions the reac¬ 
tion velocity would not depend in a simple way on the con¬ 
centrations of the reactants and would be affected by other 
factors, such as the viscosity of the solvent. J There seems no 
reason to believe that these complications are present for the 
majority of reactions in solution. 

Since the complex A" (and hence the value of f x ) is identical 
for the forward and reverse reactions, the Bronsted expression 
leads to the correct thermodynamic expression (11). Moreover, 
since the charge on the complex X must be always equal to the 
algebraic sum of the charges on A and B , the factor f A f B !fx 
will always be physically significant (in the sense used on p. 20). 
It is clear, however, that this factor cannot be determined 
experimentally by any thermodynamic method, and the expres¬ 
sion can thus only be tested if the value of the factor can be 
predicted either by theoretical calculation or by analogy with 
other systems which can be investigated experimentally. Theo¬ 
retical calculations are always possible in principle if enough is 
known about the mechanism of the reaction and the laws of 


t Sine© K is proportional to 5/, the reaction velocity is independent of the 
arbitrary distance hl> as, of course, it must be. 
f Cf. Bell, Ann. Reports , 36, 82, 1939. 
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force between the molecules taking part. Actually, however, 
such calculations can only be made satisfactorily in the case of 
ionic reactions; moreover, for this type of reaction it is also 
possible to draw important conclusions from other experimental 
data. This is because the ionic charge (the only characteristic 
of the critical complex which is known with certainty) is by 
far the most important factor in determining the activity coeffi¬ 
cient of an ion in a given salt solution. This fact was known 
before its theoretical interpretation was fully realized, and in 
his 1922 paper BrOnsted showed on the basis of experimental 
data for activity coefficients that the factor f A fullx will be 
greater than unity if A and B have charges of like sign, while 
it will be less than unity if they have charges of opposite sign. 
In other words, reactions between ions of the same sign are 
accelerated by an increase of ionic strength, while reactions between 
ions of opposite sign are retarded. This qualitative rule is sup¬ 
ported by all the available data, examples being given by 

Bronsted. f 

The theory is placed on a quantitative basis by using the 
theoretical Debye-Huckel expression (3) for the activity coeffi¬ 
cients. If z A and z B are the algebraic values of the charges on 
A and B, then the charge on X is z A +z B , and by combining 
(3) and (14) we obtain 

l°g 10 v — logjo^o+S Az A z B ^lp. (16) 

This equation agrees with the qualitative rule given above, and 
is in quantitative accord with the experimental data for very 
dilute salt solutions.} This is illustrated by Fig. 4, where 
logio v l v o is plotted against \'p. The lines represent the theoretical 
variation for different charge types according to equation (16), 
and the points refer to the reactions shown below the figure. 

Equations (3) and (16) represent limiting laws applicable only 
to very dilute solutions. For more concentrated solutions we 
must use equation (5), which, when substituted in (14), gives 
log 10 « = log l0 v 0 -\-2Az A z B ’Jp.+ (B x —B A —B 3 )fi. (16) 

■)■ Bronsted, Z. physikal. Cltctn. 102, 169, 1922. 

% For a discussion cf. LaMcr, Chetn. Reviews, 10, 192, 1932; Bell, Chem. 
Soc. Ann. Reports , 31, 67, 1934. 
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Fig. 4. Primary salt effects in ionic reactions. 

1. 2[Co(NH 3 ) 5 Br] + * + Hg ++ + 2H 2 0 -> 2[Co(NH 3 ) s H 2 0]+++4-HgBr 2 (hi* 
molecular). No foreign salt added. Bronsted and Livingston, J. Amcr. Chew. 
Soc. 49, 435, 1927. 

2. Circles. CH 2 BrC00 _ + S 2 0^ —► CH 2 S 2 0 3 C00“-{-Br”. Sodium salt: no 
foreign salt added. LaMer, ibid. 51, 334, 1929. 

Dots. S 2 0^ + 21“ I a -f2SOf (bimolecular). King and Jacobs, ibid. 53, 
1704, 1931. 

3. [NO a =N—COOC 2 H 5 ]~-fOH“-> N 3 0-fC0 3 -f CjH 6 OH. Bronsted and 
Delbanco, Z . anorg. Chem. 144, 248, 1925. 

4. Inversion of cane sugar, catalysed by OH” ions. Arrhenius, Z. physical. 
Chem. 1, 111, 1887. 

5. H 2 O a -f 2H + + 2Br” -> 2H 2 0-f-Br 2 (first order with respect to H + and 
Br”). Livingston, J. Amcr. Chem. Soc. 48, 53, 1926. 

6. [Co(NH 3 ) 5 Br] ++ +OH” [Co(NH 3 ) 5 OH] ++ -f Br”. Bronsted and Living¬ 

ston, ibid. 49, 435, 1927. 

4503 -o 
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This expression is not open to experimental test in the same 
way as (15), since the ^-factors depend on the individual nature 

a B, X and the other ions present in the solution. Its most 
important application is to the case when either z A or z B is 
equal to zero, i.e. to the reaction between an ion and an uncharged 
molecule , which class includes practically all cases of catalysis 
by hydrogen or hydroxyl ions. In this case (16) becomes 

l°glO V “ 1°©10 ^A B B )/X. (17) 

(The linear term remains for the uncharged molecule B, since 
it is an experimental fact that log 10 /# is a, linear function of 
the salt concentration.) The factor ( B x B A B b ) cannot be 
evaluated quantitatively, either theoretically or by comparison 
with other experimental data: however, by reviewing the avail¬ 
able data for ^-factors in general, we can estimate that in an 
N/10 solution of a uni-univalent salt the difference between v 
and v 0 will rarely exceed 10 per cent. For small differences of 
this kind, equation (17) can be rewritten in the form 

- - 1 + 2-303 (B x -B a -B b )h, (18) 

corresponding to a c linear salt effect. 

It will thus be seen that for primary salt effects in ‘zero-type’ 
reactions (i.e. in which one reactant is uncharged) the Bronsted 
expression agrees qualitatively with the experimental results 
for catalysis by hydrogen and hydroxyl ions summarized at the 
beginning of this section. No quantitative prediction can be 
made of the magnitude of the effect in any particular case. On 
the other hand, it may be noted that B b for a non-electrolyte 
is almost always negative, while for electrolytes the values of 
B a for the hydrogen ion are smaller than those for most other 
ions: hence it is reasonable to conclude (in agreement with 
experiment) that reactions catalysed by hydrogen ions will in 
general exhibit a positive salt effect. Further, according to the 
principle of specific interaction of ions,t individual deviations 
from the simple Debye-Hlickel equation for activity coefficients 

t Bronsted. J. Amcr. Chem . Soc. 44, 877, 1022; Guggenheim, Report 18th 
Scandinavian Naturalist Congress , Copenhagen , 1929; Phil. Mag. (7), 19, 588, 
1935. 
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are chiefly conditioned by the interactions of ions of opposite 
charges: this agrees with the observed fac t that in hydrogen-ion 
catalysis the specific effect of the added salt depends chiefly 
on the nature of its anion, while for hydroxyl-ion catalysis the 
nature of the cation is the most important factor. 

For solutions containing ions at concentrations much above 
0-1 N it is not possible to give any theoretical treatment of the 
primary salt effect, or even any generalization of the experi¬ 
mental results. The diversity of behaviour met with is well 
illustrated by the data collected by Harned and Akerlof.f The 
position is, of course, paralleled by the absence of any satis¬ 
factory general theory of concentrated electrolyte solutions, and 
until such a theory is available it would seem desirable to 
confine kinetic measurements as far as possible to the more 

dilute range. 

An interesting experimental correlation applicable to these 
more concentrated solutions has been suggested by Hammett. J 
In the case of an uncharged substrate S reacting with the 
hydrogen ion, the activity factor in equation (14) becomes 
/s/h + //sh + - Hammett has pointed out that an activity factor 
of exactly the same form occurs in the equilibrium of a simple 
basic indicator B with hydrogen ions, where we have 

[BH + ] __ cruq /Ju 1 
[B] L 

K being the dissociation constant of the indicator. [BH + ] and 
[B] can be determined colorimetrically, while [H + ] is taken to be 
equal to the concentration of strong acid, and K determined by 
extrapolating to zero ionic strength, when the activity coefficients 
all become unity. It is then possible to evaluate the activity 
factor in more concentrated solutions, and it is found that the 
value of this factor in a given solution is the same for several 
different indicators, and that in a number of cases the catalytic 
activity of concentrated solutions of strong acids (with and with¬ 
out the addition of salts) is directly proportional to this factor. 


•j- Harned and Akerlof, Trans. Farad. Soc. 24, (350, 1928. 

J Hammett and Deyrup, J. Amer. Chetn. Soc. 54, 2721, 1932; Hammett 

and Paul, ibid. 56, 830, 1934. 



CHAPTER III 

MODERN VIEWS ON ACIDS AND BASES 
(a) The definition of acids 

The pursuit of exact verbal definitions of qualitative concepts 
is rarely of much value in the physical sciences. In the case of 
acids and bases, however, the development and clarification 
of the exact meaning to be attached to the words ‘acid’ and 
‘base’ has been very closely related to experimental and 
theoretical advances in the subject. In fact the modern defini¬ 
tions of these concepts have been directly fruitful in stimulating 
fresh work, especially in acid-base catalysis. 

As soon as the ionic theory had become established an acid 
was defined as a substance containing hydrogen which gave 
rise to hydrogen ions in solution. There was for some time 
some confusion as to whether the term ‘acid* could only he 
applied to systems in which hydrogen ions were actually pre¬ 
sent. For example, is anhydrous hydrogen chloride an acid, or 
does it only become one in aqueous solution? It was soon 
agreed, however, that the term ‘acid’ described the ability to 
produce hydrogen ions rather than their actual presence, so 
that it could be applied to a pure non-conducting substance or 
its solution in a non-ionizing solvent. Acids were originally 
thought of as neutral molecules (like hydrogen chloride and 
acetic acid), but it soon became convenient to include also 
negative ions such as HSO^f, HaPO^ - , which can also produce 
hydrogen ions in solution. These anion acids can, of course, 
only exist in practice in company with ions of opposite sign, 
and it might be suggested that salts like NaHS0 4> KH 2 P0 4 
should be regarded as acids. However, the sodium or potassium 
ions play no part in the acidic reactions of the salts, remaining 
unchanged throughout, and it is more logical to include only 
the anions in the definition. 

The modern definition of acids includes also cation adds. 
Thus the acid character of solutions of ammonium salts is most 
simply explained in terms of the reaction NHjf ^ NH a +H + , 
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and the ammonium ion can therefore he considered as an acid. 
(The old description of the ‘hydrolysis’ of ammonium chloride 
solution in terms of the two reactions NI f 3 -j- 11 ,0 ^ Nil *• (Oil - 
and HC1 ^ H++C1 - is only a more cumbrous method of ex¬ 
pressing the same facts, since the chloride ion plays no part in 
the process.) In the same way the acid properties of solutions 
of m(iny metallic salts (e.g. iron, aluminium, chromium, etc.) 
are best explained by the splitting oil of hydrogen ions from 
the hydrated ions, sometimes in several steps, e.g. 

[Cr(H 2 0) 6 ]+++ ^ [Cr(H 2 0) 5 0H J+-» +H + 
[Cr(H 2 0) 5 0H] ++ ^ [Cr(H 2 0) 4 (0H) 2 ]++H + 
[Cr(H 2 0) 4 (0H) 2 ] + ^ Cr(H 8 0) 3 (()H) 3 +H ", etc. 

These hydrated ions can therefore be regarded as acids in the 
same way as the ammonium ion. 

In view of the close analogy between neutral acids, anion 
acids, and cation acids, it is strange that the last class have 
only recently been included in the definition, especially since 
their ability to split of! hydrogen ions has been long realized.f 
It has been pointed out by Bjerrumj that this is probably due 
to the influence (conscious or subconscious) of the traditional 
phrase, ‘acid plus base gives salt plus water’, which tits neutral 
acids and anion acids, 

HCl+NaOH -> NaCl+ILO 

NaHS0 4 +Na0H -> Na 2 S0 4 +H 2 0 

but cannot be applied to cation acids without some modifica¬ 
tion, e.g. 

NH 4 Cl+NaOH -> NaCl+H 2 0 + NH 3 . 

However, this formal difference does not constitute any real 
reason for excluding the cation acids from the general definition. 


(6) The nature of the hydrogen ion in solution 

The hydrogen ion in solution was at first supposed to be 
simply a proton, the extremely small size of which might serve 
to account for its high mobility, and possibly also for its cata¬ 
lytic power. However, evidence has gradually accumulated to 


t Cf. e.g. Pfeiffer, Ber. 39, 18G4, 190G; 40, 4040, 1907. 

X Bjerruin, Fyaiak Tidsakr. Nos. 1-2, 1931,: Chem. Beviewa, 16, 287, 1935. 
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show that the hydrogen ion in solution is invariably solvated, 
and that no measurable concentration of free protons can be 
present. In particular, it is believed that the hydrogen ion in 
aqueous solution exists entirely as OH^. The strongest evidence 
is probably the theoretical calculation made by Fajansj - that 
the union of a proton with a water molecule would be exo¬ 
thermic to the extent of about 200,000 calories per gram mole¬ 
cule This calculation is based upon a crude electrostatic picture 
of the process, but will probably give approximately the right 
value. The equilibrium constant K for the equilibrium between 
free and hydrated protons is related to the free energy of hydra¬ 
tion F by the equation F = R T log K, and if we are only 
interested in orders of magnitude, we can use the value 200,000 
calories directly in this equation, ignoring the difference between 
free energy and total energy. The result of this calculation 
predicts a concentration of free protons of the order 10~ 150 in 
aqueous solutions of acids at ordinary temperatures, and 
although the calculation is a very rough one, it is clear that 
free protons cannot be present in solution at kineticaUy signi¬ 
ficant concentrations. Further support for this view comes from 
the fact that even the strongest acids do not form ionic lattices 
in the solid state, while the monohydrate of perchloric acid 
forms an ionic crystal which is isomorphous with ammonium 
perchlorate, J suggesting the analogy between [OHaj+fClOJ- and 

[NH 4 ] + [C10 4 ]-. It may be noted that the ions OHJ and NH+ 
both have a normal electronic structure with a completed octet. 

It is clear that the nature of the ‘hydrogen ion’ will vary 
from one solvent to another, and in an alcohol ROH we should 
expect its formula to be ROH 2 + . Experimental work in alcohol 
solutions has actually provided the most satisfactory evidence 
that only one solvent molecule is attached to the proton both 
jjj water and in the alcohols. Goldschmidt and his collabora¬ 
tor have studied the inhibiting effect of small quantities of 

t Fajans, Ber. 21, 709. 1919. For other ovidenco (e.g. from refractivity 
data) see Fajans, Naturwiss. 9, 734, 1921 ; Z. Pliysik, 23, 31, 1924. 

1 Volmer. Ann. 440, 200, 1924. ... ., 

§ Goldschmidt and Udby, Z. physikal. Chem. 60, 728, 1907; Goldschmidt, 

Z. Elektrochem. 15, 4, 1909. 
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water on the velocity of esterification reactions in various 
alcohols. They assume the existence of the equilibrium 

R0H 2 + + H 2 0 ^ ROH+OH^ 

and that the catalytic effect of OH| is small compared with 
that of ROH./. On this basis they obtain quantitative agree¬ 
ment with their experimental results, while any other assump¬ 
tion about the solvation of the proton would destroy this 
agreement. The same conclusion has been reached by Rredigf 
and by Millar,J who studied the inhibiting efTect of water on 
the hydrogen-ion catalysed alcoholysis of diazoacctic ester. The 
following observation also gives a clear illustration of the hydra¬ 
tion of the proton. Liquid sulphur dioxide alone dissolves 
hardly any water, but a non-conducting solution of hydrogen 
bromide in liquid sulphur dioxide dissolves an equivalent 
amount of water and becomes a good conductor of elect ricit v.S 

* »i 

The term ‘ hydrogen ion’, which we have so far used in defining 
an acid, is thus a somewhat ambiguous one. If we take it to 
mean the actual species present in the solution, then the defini¬ 
tion depends on the nature of the solvent. On the other hand, 
if it is taken to mean a bare proton, then the definition is 
meaningless, since the production of this kind of‘hydrogen ion’ 
never takes place in practice. These difficulties can be avoided 
if the definition is modified to read: An acid is a species having 
a tendency to lose a proton. It will be easily seen that this 
definition covers the various characteristics of acids which have 
so far been mentioned. Thus, in the case of hydrogen chloride, 
although the reaction HCl->H f + Cl~ is not realizable, the 
tendency to lose a proton can be realized if other species are 
present, as in the following reactions: 

hci+h 2 o->oh 3 ++ci- 

hci+oh-->h 2 o+ci- 


HCl+EtOH 

HCI+NH 3 


EtOH + + Cl 

M 1 

[NH+][C1-] 


(alcohol solution) 

(no solvent necessary) 


f Bredig, Z. Ehktrochan. 18, 535, 1912. 

J Millar, Z. physika!. Chem. 85, 129, 1913. 

§ Bagster and Cooling, J . Chcm. Soc. 693, 1920. 
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any of which serve to characterize it as an acid. Similarly, 
although the reaction NH 4 + NH 3 +H+ cannot be realized, the 
acid character of the ammonium ion is shown by any of the 
following reactions: 

NH^+H 2 0 ^ NH3+OH3+ 

NH^+OH- ^ NH 3 +H 2 0 

NH+ + CH3COO- ^ NH3+CH3COOH. 

This definition of an acid was proposed almost simultaneously 
by BrOnstedf and by Lowry 4 One °f its most important con¬ 
sequences is that the oxonium ion OH(like the corresponding 
ions in other solvents) must itself be regarded as an acid, as 
had been proposed a little earlier by Bjerrum.§ The following 
reactions illustrate the tendency of the oxonium ion to part 
with a proton: 

OH 3 + + OH- ^ 2 H 2 0 
OH++NH3 ^ h 2 o+nh+ 

OH+4-CH3COO-^ h 2 o+ch 3 cooh. 

It will be seen that there is a great similarity in behaviour 
between the oxonium and the ammonium ions. Thus, although 
the oxonium ion has great practical importance in aqueous 
solution because of its close relation to the solvent, it is, in 
principle, only one of a class of cation acids, including the ammo¬ 
nium ion and many others. 

(c) The definition of bases 

A base was originally regarded chiefly as an ‘anti-acid*, i.e. 
a substance which could neutralize the properties of an acid, 
usually with the formation of a salt and water. However, with 
the introduction of the ionic theory the production of hydroxyl 
ions in solution came to be regarded as an alternative criterion 
of basic properties. These definitions are by no means free from 
ambiguity, and are, in fact, not always mutually compatible. 
Thus it has never been clear whether a base must necessarily 

f Bronstcd, JRcc. trav. chiin. 42, 718, 1023. 

J Lowry, C7irm. and Ind. 42, 43, 1023. 

§ Bjerrum, Z. physikal. Chcm . 106, 210, 1023. 
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be a hydroxy compound. For example, the ammonia molecule 
cannot ‘split off’ hydroxyl ions, though its aqueous solutions 
contain hydroxyl ions; similarly, though it can neutralize an 
acid with the formation of a salt, no water is formed in the 
reaction. Basic substances other than hydroxy compounds have 
therefore sometimes been put into a special class: thus Pfeiffcrf 
used the term pseudo-base, and Wernerf described them as 
anhydro-bases as opposed to a quo-bases. 

The unsatisfactory nature of the older definitions is parti¬ 
cularly clear when non-aqueous solvents are considered. For 
example, the ion produced when ammonia is dissolved in ethyl 
alcohol is OEt~ and not OH~, and in alcoholic solutions the 
metallic alkylates play the part assumed by the metallic 
hydroxides in water. This line of argument would lead to a 
different system of bases for each solvent, e.g. in liquid ammonia 
the typical bases are the amides, and in anhydrous acetic acid 
they are the acetates. 

The position has been greatly clarified by the definition of 
bases proposed by Bronsted and Lowry in conjunction with 
their definition of acids given above. This reads: A base is a 
species having a tendency to add on a proton. Since there are no 
free protons available in solution the proton must come from 
a species which is willing to part with it, i.e. an acid, so that 
this definition implies the power to neutralize an acid without 
any restriction as to the products of reaction. It is easily seen 
that all species normally regarded as bases satisfy this defini¬ 
tion. Thus in any of the following reactions the ammonia 
molecule adds on a proton to give an ammonium ion: 


NH 3 +H 0 O ^ NH + + OH- 
NH 3 + OH+ ^ NH 4 + + H 2 0 

NH 3 +EtOH ^ NH 4 f + OEt“ (alcohol solution) 
NH 3 +HC1 ^ [NH^][C1~] (no solvent necessary). 

% 

In the case of the metallic l^droxides it is the hydroxyl ion 


t Pfeiffer, Ber. 39, 1864, 1006; 40, 4040, 1907. 
X Werner, Ber. 40, 4133, 1907. 

4503 n 
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itself which must be considered as the base, since the metallic 
ion remains unchanged in all the typical acid-base reactions, e.g. 

OH'+OH* ^ 2H z O 
OH-+CH 3 COOH ^ H 2 0+CH 3 C00- 

oh-+nh 4 + ^ h 2 o+nh 3 . 

Not only the hydroxyl ion but also other anions must be 
considered as bases, especially those anions derived from weak 
acids. Thus the basic nature of the acetate ion is not confined 
to solutions in anhydrous acetic acid, but is present also in 
aqueous or alcoholic solutions. This is shown by the following 
reactions, which illustrate the tendency of the acetate ion to 

add on a proton: 

ch 3 coo-+h 2 o ^ ch 3 cooh+oh- 

CH 3 COO-+EtOH ^ CH 3 COOH+EtO- 

ch 3 coo-+oh^ ^ ch 3 cooh+h 2 o 

CH3COO-+NH+ ^ CH 3 COOH+NH 3 . 

The first and second equations represent the hydrolysis and 
alcoholysis of an acetate such as sodium acetate, while the 
fourth represents the ‘hydrolysis’ of ammonium acetate. The 
recognition of this extended class of anion bases has had a con¬ 
siderable effect on the interpretation of catalytic phenomena. 

There is no reason in principle why cation bases should not 
also exist, though in practice they are not very common. The 
best examples are the complex hydroxo-ions of the heavy 
metals, which are involved in equilibria such as 

[Co(OH)(NH 3 ) 5 ]+++OH 3 + ^ [Co(H 2 0)(NH 3 ) s ]++++H 2 0, 
where they add on a proton and thus act as bases. A number 
of ions of this type have been studied quantitatively by 

Bronsted.f 

(d) Corresponding acids and bases. The strengths of 
acids and bases 

The modern definition of acids and bases can be summed up 
in the scheme ^ ( 1 ) 

f Bronsted and Volqvartz, Z. physikal . Chcm, 134, 97, 1928. 
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where A is an acid and B a base. Two species related in this 
way are known as a corresponding (or conjugate) acid-base 
pair: such pairs are CH 3 C00H and CIl 3 COO“, N11 4 and NH 3 , 
HoPOr and H P0 4 , etc. There is no restriction as to tlie charge 
on A or B, but there must always be unit ditTerence of charge 
between the members of a corresponding pair. In some cases 
a species can act either as an acid or as a base, e.g. the water 
molecule is the acid corresponding to Oil - , and the base corre¬ 
sponding to OH.J: similarly HJMJj" is the acid corresponding 
to HPOr and the base corresponding to H 3 P() 4 . These species 
may be termed ‘amphoteric’, as in the older nomenclature. 

The scheme A# B + H f could in principle be used for 
defining the strengths of acids and bases, but, of course, cannot 
be realized in practice. The acid-base reactions actually met 
with involve the transfer of a proton between two acid-base 

P airs > ie * A 1 + B 2 ^A 2 +B 1 (2) 

and can be described as protolytic reactions . It will easily be 
seen that all the characteristic reactions of acids and bases 
(usually referred to as ‘dissociation’, ‘hydrolysis’, 4 neutraliza¬ 
tion’, etc.) conform to this type. The equilibrium constant of 
this reaction, [A 2 ][B 1 ]/[A 1 ][B 2 ], served as a measure of the 
relative strengths of the two acids A, and A 2 . In practice it 
is convenient to choose one standard acid-base pair and to 
measure the strengths of all acids relative to this standard. 
For aqueous solutions the natural standard pair is OHj -H 2 0, 
and the equilibrium is 

A+H 2 0 ^ OH 3 M-B, 

giving, for the equilibrium constant, 

A" _ !°H? M (3) 



Since the concentration of water in aqueous solutions is prac¬ 
tically constant (55-5 gram molecules per litre at ordinary 
temperatures), it is usual to omit it and to write the acid 
constant of A as 



[OH^ ]fB] 

LA] 
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In the case of uncharged acids this is, of course, the ordinary 
electrolytic dissociation constant. Exactly the same equation 
applies to charged acids, e.g. for the ammonium ion the acid 

constant is ^ _ [OH+][NH 3 ] 

K ~ [NH+] ’ 

which formerly would have been termed the ‘hydrolysis con¬ 
stant’ of ammonium salts.f 

Equation (1) shows that the strength of a base B is directly 
connected with the strength of the corresponding acid A; thus 
a strong acid always corresponds to a weak base, and vice versa. 
In fact, all equilibria involving a corresponding acid-base pair 
A-B can be expressed in terms of the acid constants of A and 
of the medium. For example, the conventional dissociation 
constant of ammonia is related to the acid constant of the 
ammonium ion in the following way: 

^ [NH + ][OH-]_ A U ,[NH+] _K io 
b ~ [NH,] [NH 3 ][OH 3 +] K> 

where K w = [OH<J" ][OH~]. 

It is thus unnecessary to introduce any special basic constants 
to describe the behaviour of bases, and the exclusive use of acid 
constants is actually much simpler in practice. For example, 
the hydrogen-ion concentration of any buffer solution is given 
directly as [ai 

[OH 3 + ] = K L|j, 

where A and B may be, e.g., CH 3 COOH and CH 3 COO~, NH^f* 
and NH 3 , or H 2 PO^* and HPO.f, K being in each case the acid 
constant. K can be defined in words as the hydrogen-ion con¬ 
centration in a solution containing equal concentrations of the 
acid and its corresponding base, i.e. a half-neutralized solution 
of the acid. It is sometimes convenient to express the acid 
strength by means of pK = —log 10 K y when^Tf can be defined 

f In aqueous solutions of ammonia and the amines it is possible that some 
part of the base exists in tho form of a liydroxido, e.g. NH 4 OH. However, 
for practically all purposes it is unnecessary (and, in fact, impossible) to dis¬ 
tinguish between NH S and NH 4 OH in solution, and the symbol [NH 3 ] will be 
used to denote the total concentration of both species. 
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as the pH of a solution containing equal concentrations of A 
and B. 

The equilibrium expressions given in this section are all based 
on the classical law of mass action, and are therefore only valid 
when the ionic concentration is low. The magnitude of the 
deviations at higher salt concentrations and their expression in 
terms of activity coefficients have already been discussed under 
salt effects (pp. 14-21). 

(e) Acid-base properties of the solvent. Strong acids and 

bases 

The solvent molecule and the ions derived from it are in 
principle only members of a large class of acids and bases, but 
they have a special practical importance on account of their 
ubiquity and the large and constant concentration of the 
solvent. In the case of water the ionization of the solvent 
consists of the protolytic reaction 

H 2 0 + H 2 0 ^ OH 3 + + OH-. 

The acid constant for the H 2 0 molecule is thus (cf. equation 

W) 

[OH£][OH-] = K, r = j 1 -07 x 1 () _1G (at 18 °) 

[H 2 0] 55-5 [l-79xl0- 16 (at 25°). 

If equation (3) were used to define acid constants, the acid 
constant for OH^ would be by definition unity. Actually, how¬ 
ever, equation (4) is used in practice, and the acid constant of 
OH^ becomes 55-5. These constants cannot be strictly com¬ 
pared with those relating to other species, since they involve 
the supposed volume concentration of II 2 0 molecules in water, 
a quantity which is clearly unsuited for use in a mass action 
constant. However, they serve to give a rough estimate of the 
acid and basic properties of H 2 0, OH 3 f , and OH", while the 
value of K w has, of course, a perfectly precise meaning in that 
it determines the relation between the concentrations of hydro¬ 
gen and hydroxyl ions in any aqueous solution. 

If we have an acid A which is considerably stronger than 
the oxonium ion, then the reaction A+H 2 0 -> OH^ + B will go 
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practically to completion, and the acidic properties of a solution 
, £ ^ j n water are essentially those of the oxonium ion. This 
is true of a number of acids, such as HC10 4 , HI, 1113r, HC1, 
HNO , H,S0 4 (first dissociation), sulphonic acids, etc., which 
are completely protolysed in reasonably dilute aqueous solu¬ 
tions and are usually described as ‘strong acids’. It is impos¬ 
sible to obtain a numerical measure of the strengths of these 
acid molecules by applying the ordinary methods, for the simple 
reason that such molecules do not exist in appreciable quantity 
in aqueous solution. In some cases rough estimates of the 
strength constants can be made by indirect methods, and large 
values are in fact obtained. Thus for HC1 the value K ~ 10+? 
has been derived by a number of different methods,f and it is 
likely that the constants for HBr, HI, and HC10 4 are still 
greater by several powers of ten 4 The anions derived from 
these ‘strong’ acids have, practically speaking, no tendency to 
pick up protons in aqueous solution. Hence, although they may 
be formally classed as bases, their basic power in aqueous solu¬ 
tion is negligible, and from the acid-base point of view the 
properties of aqueous solutions of strong acids are purely those 

of an equivalent concentration of OH 3 " ions. 

The analogue of a strong acid would be a base which is 
considerably stronger than the hydroxyl ion and hence reacts 
completely with water according to the equation 

B+H 2 0 A+OH-. 

Actually no neutral molecules are known which are ‘strong 
bases’ in this sense of the word, the strongest known neutral 
base being piperidine, which is about 500 times as weak as OH~. 
There are, however, anion bases which are strong in this sense, 
thus the ion NH“ (contained in metal amides) reacts completely 
according to the' equation NH.J + H 2 0 -> OH-+NH s , and the 
same is true of the ethylate ion—EtO-+H a O -> OH-+EtOH. 

It will be evident that the classification of acids or bases as 
‘ strong ’ depends essentially on the acid-base properties of the 

t Schroinor, Z. physikal. Chem. Ill, 410. 1924; Ebert, Naturwiss. 13, 393, 
1925; Wynne-Jones, J. (View. Soc. 1004, 1930. 

x Bell and Burnett, Trans. Farad. Soc. 35, 474, 1939. 
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solvent, and that a different classification will in general ho 
found in solvents other than water. In fact, the whole system 
of measuring acid and basic strengths in aqueous solution de¬ 
pends on the species OH - — H.,0 — OH|, and different systems 
must be used in different solvents. The whole question of the 
behaviour of acids and bases in non-aqueous solvents will be 
dealt with in Chapter VI. 

(/) Table of acid constants 

For convenience a brief table follows giving the acid con¬ 
stants for a number of typical corresponding acid-base systems 
in aqueous solution. The values refer to 1S : C. and to solutions 
of low salt concentration. 

Table VI11 


Arid 

Hose 

i K 

oh 3 + 

11.0 

r i r> * r> 

H s O 

oil- 

1 07x ID lrt 

H 2 S 

SI I- 

S x Id * 

SH- 

S" 

2 x ID >5 

H 2 S0 3 (S0 2 ) 

HSO- 

1-7 x Id 2 

HSCV 

so 3 = 

5x in-* 

hso 4 - 

SOf 

2 X ID-2 

h 3 po 4 

h 2 po 4 - 

7f> X 10-2 

h 2 po 4 - 

H !>(),= 

■Vflx I0-* 

HPOf 

P() 4 

.'{•5 x 10 - 13 

H 2 C0 3 (C0 2 ) 

HCO,- 

:h x 10- 7 

hco 3 - 

COy 

4 0 X ID >i 

HCN 

CN“ 

7 X ID -10 

h 3 bo 3 

h 2 bo 3 - 

r»x id 10 

nh 4 + 

nh 3 

33 x 10 - »° 

[A1(H,0) 6 ] ++ + 

[A1(H z O) 5 OH ] 4 f 

i :ix id - 5 

[Fp(H 2 O) 0 ] ++ + 

f Fc(H 2 ()) i OHJ f + 

6*3 x ID 3 

H.COOH 

H.COO- 

21 x ID 1 

ch 3 .cooh 

CII 3 .COO- 

1-8 X ID -5 

ch 2 ci.cooh 

CHoCl.COO- 

1*4 X ID" 3 

chci 2 .cooh 

CHCL.COO” 

5*5 x ID -2 

COOH.COOH 

COOH.COO- | 

.V7 X ID" 2 

COOH.COO” 

COO". COO- ] 

6-8 X ID" 5 

CH 3 NH 3 " 

CH 3 NH„ I 

1 (> X 1D-D 

(CH 3 ) 2 NH 2 + 

(CH 3 ) 2 NH 

1-2 X 10— 11 

(CH 3 ) 3 NH- 

(CHj)jN 

1-2 X ID" 10 




CHAPTER IV 

GENERAL ACID-BASE CATALYSIS 

a) Introduction 

> » 

It should be clear from the last chapter that the hydrogen 
and hydroxyl ions do not play any necessary or unique part in 
acid-base reactions, being merely particular members of large 
classes of acids and bases. From this point of view there is 
therefore no obvious reason why OH^ and OH~ (or their ana¬ 
logues in other solvents) should possess the unique power of 
catalysing reactions. It seems more reasonable to anticipate 
that acid catalysis would be a property common to all acid 
species such as OH^, NH^, CH 3 COOH, etc.; similarly, the 
species OH~, CH 3 COO _ , NH 3 , etc., might all be expected to 
act as basic catalysts. This expectation has, in fact, been 
realized for a large number of catalytic reactions, and con¬ 
siderations like the above constitute the most logical basis for 
the theory of acid-base catalysis. Actually, however, the de¬ 
velopment of the theory has followed a much more devious 
course, and since there exists a good deal of confusion on the 
subject, some account of this development will be given. 

• ® 

(b) The dual theory of acid-base catalysis 

The idea that hydrogen and hydroxyl ions are not the only 
effective catalysts is much older than the revised concepts of 
acids and bases: in fact it was one of the earliest suggestions 
made to account for deviations from the classical kinetic equa¬ 
tions. In the case of acid catalysis it was suggested that undis¬ 
sociated molecules such as HC1 or CH 3 COOH might act as 
catalysts in the same way as hydrogen ions. This hypothesis 
came to be known as the dual theory of catalysis, and it will 
be seen that it is concordant with the general views on acid 
bases outlined above. 

The dual theory originated before the development of modern 
views on the behaviour of electrolyte solutions. In particular, 
the conductivity ratio was taken as a measure of the degree of 
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dissociation even for strong electrolytes, and no account, was 
taken of primary or secondary salt. elTccts. It j s therefore not 
surprising that the quantitative conclusions of t| 1P early sup¬ 
porters of the dual theory always need revision in the Ijghf of 
more recent work, and that in many eases the effect of such 
revision is to destroy the evidence on which the dual theory 
was based. Nevertheless, a number of their conclusions remain 
qualitatively unchanged, and we shall therefore give a brief 
survey of the development of the dual theory up to about f'lgo 
indicating how far its conclusions must be modified in the light 
of modern views. This seems particularly desirable, since vei v 
varied views have been expressed as to the status of the dual 
theory in the development of the subject. 

Probably the first reaction to suggest that undissociated 
acids might exert a catalytic effect was the rearrangement of 
iV-chloraectanilide according to the equation 

C*H S .NCI. COCH 3 —> p . Cl.C 0 H,.NilCC)CH 3 , 

first studied by Blanksmaf and by Acree.t This reaction is 
catalysed by hydrochloric acid, and in aqueous solution it is 
found that the velocity is proportional to the square of the acid 
concentration. Since the acid is almost completely dissociated 
this result is consistent with the assumption that undissociated 
HC1 molecules are the only effective catalyst. However, a de¬ 
tailed study of this reaction has shown§ that it is not a simple 
case of acid catalysis, but takes place according to the equation 

C 6 H s NC1 . CO CH 3 +H++Cl - 


^ C 6 H 5 NH.C0CH 3 +C1 2 

->^.ci.c 6 h 4 .nhcoch 3 +h++ci-, 

the first step being the slow rate-determining one. Under these 
conditions it is impossible to distinguish kinetieally between 
the participation of undissociated HC1 on the one hand and 
of the ions H+ and Cl~ on the other hand, and in any case, the 


f Blanksma, Bee. trav. chim. 21, 3GG, 1902; 22, 290, 1903. 

X Acree and Johnson, Amcr. Chew. J. 37, 410, 1907. 

§ For a summary of the chief evidence, see Orton, Soper, and Williams 
J. Chem. Soc. 998, 1928. 
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reaction is clearly unsuited as a basis for any general theory 
of acid catalysis.t 

The evidence relating to truly catalytic reactions is concerned 
partly with aqueous and partly with non-aqueous solutions, and 
it will be convenient to take these two cases separately. In 
aqueous solution the chief work is that of H. S. Taylor on the 
acid catalysed hydrolysis of esters, and of H. M. Dawson on 
the reaction between acetone and iodine. 

TaylorJ bases his support of the dual theory on the velocity 
of hydrolysis of various esters in presence of acids with and 
without the addition of salts. However, examination of his 
data in the light of later work shows that it affords no evidence 
for catalysis by species other than the hydrogen ion. For 
example, it was found that the addition of 1 N KC1 to 0*1 N HC1 
causes a 24 per cent, increase of velocity. According to the 
classical interpretation of conductivity data, the degree of dis¬ 
sociation of 0-1 N HC1 is only about 90 per cent., and this is 
reduced to 75 per cent, by the addition of 1 N KC1. Taylor 
therefore concludes that the increase in catalytic power caused 
by the addition of KC1 is due to the formation of more undis¬ 
sociated HC1, to which is assigned a catalytic power about three 
times as great as that of the hydrogen ion. It is evident, how¬ 
ever, that this conclusion depends on two assumptions which 
cannot now be regarded as tenable! firstly, that the degree of 
dissociation is given by the conductivity ratio, and secondly, 
that the catalytic effect of the hydrogen ion is unaffected by 
the addition of the KC1. It is undoubtedly more correct to 
regard the HC1 as being completely dissociated in both solu¬ 
tions, and to interpret the 24 per cent, increase in velocity to 
a primary salt effect. As already shown (pp* 21—35), there is 
ample evidence, both theoretical and experimental, that such 
effects may amount to as much as 100 per cent, in 1 N salt 

•f The much slower change in aqueous acid solutions not originally con¬ 
taining halogen acid is attributable to the same mechanism, halogen acid being 

first, formed by hydrolysis. , 

| Taylor, Mcdd. Nobel inst, 2, Nos. 34—7, 1913; Z. Elektrochem. 20, 201, 

1914; j. Amer . Chcm. Soc. 37, 551, 1915. Cf. also Ramstedt, Medd. Nobelinst. 
3, No. 7, 1915. 
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solutions. This interpretation is supported by other data of 
Taylor’s which show that the effect of 1 N KC1 on the catalytic 
power of HC1 is almost constant (20-24 per cent.) for HC1 
concentrations varying between 0*01 N and 0-5 N. 

With the somewhat weaker di- and tri-chloracetic acids 
Taylor finds a similar effect, but in this case it is much smaller 
and leads to very inconsistent values: e.g. he gives values 
ranging from 0-02 to 010 for the catalytic effect of the dichlor- 
acetic acid molecule relative to that of the hydrogen ion. 
Although these acids are not completely dissociated at the con¬ 
centrations used, the ionic concentrations are suflieiently high 
to introduce a considerable error in the degrees of dissociation 
derived directly from the conductivity. (This point will be 
further dealt with in discussing Dawson’s results.) In addition 
to this there may be a primary salt effect, and it is readily seen 
that these two effects can easily account for the small differences 
attributed by Taylor to the undissociated acid. 

Similar criticisms apply to the calculations made by Sneth- 
lagef and by McBainJ on the data of Ostwald, Arrhenius, and 
Palmaer on the inversion of cane sugar. For the strong acids 
the variations with concentration and the effect of added salt 
are again more adequately explained by assuming complete 
dissociation and a primary salt effect. For the weak acids the 
chief evidence for dual catalysis is derived from experiments by 
Arrhenius§ on catalysis by mixtures of a strong and a weak 
acid. Typical data are given in Table IX. k (acid) represents 
the calculated catalysis due to the hydrogen ions from the weak 
acid, and Ak the additional velocity attributed to the undis¬ 
sociated acid. Even if the HN0 3 is not completely dissociated, 
it is clear that its degree of dissociation will not be appreciably 
affected, w hile the contribution of hydrogen ions from the weak 
acid is so small that even a large error in calculating its degree 

o o o 

of dissociation w ill have little effect on the total velocity. How ¬ 
ever, it will be seen that the observed changes in velocity only 


t Snethlage, Z. Elektrochem. 18, 539, 1912; Z. physikal. Chon. 85, 252, 1913. 
J McBain and Coleman, J. Chon. Soc. 105, 1517, 1914. 

§ Arrhenius, Z. physikal. Chem. 31, 197, 1899. 
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amount to a few per cent, of the whole, while the concentrations 
, u undissociated acid present also amount to several per cent, 
‘inis constitutes a change of medium which may well account 
for the observed change in velocity. 

Table IX 

Inversion of sucrose , 39*3° 


k = first-order constant 


Catalyst 

k ( obs.) 

k (acid) 

A k 

0-5 N HN0 3 

29*8 

• ■ 

• « 

„ „ + 0*77 N succinic acid 

32*5 

0*4 

2*3 

„ +04 N acetic acid 

31*3 

0*1 

1*4 

„ „ +0*4 N propionic acid 

31*0 

0*1 

11 

„ ,, +0*3 N butyric acid 

30*5 

0*1 

0*6 


Much more importance attaches to the work of Dawson on 
the reaction between acetone and iodine. This reaction is of the 
first order with respect to acetone, and its velocity is indepen¬ 
dent of the iodine concentration: hence its rate must be deter¬ 
mined by some change in the acetone molecule itself (e.g. 
enolization or ionization). This change is catalysed by acids, 
and hence is catalysed by the acid produced in the reaction 
with iodine. However, by measuring initial velocities it is pos¬ 
sible to determine accurately the effect of other catalysts, and 
Dawson has made many measurements with strong and weak 
acids and with buffer solutions. On account of the importance 
of this reaction in the development of theories of catalysis we 
shall give some of Dawson’s data, and also show how far his 
conclusions are affected by recalculation from a modern point 
of view. Table X gives some of the results of Dawson and 
Powis.f 

In Dawson’s calculations it is assumed that the degree of 
dissociation is given by A/A 0 , thus giving directly the con¬ 
centrations of the hydrogen ion and undissociated acid. If then 
the total velocity is of the form 

k — A-(H + )[H+]+fc(acid)[acid], 

t Dawson and Powis, J> Chem . Soc. 2135, 1913. 
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ifc is a simple matter to calculate the values of the catalytic 
constants by plotting A/[H>] against [acidj/[H »]. These values 
are given in the left-hand half of the table. 


Table X 


Reaction of acetone with iodine at 25° in solutions of acids 

Acetone concentration = 0-273 M throughout 
k = initial rate of disappearance of iodine in mols./litro/minute 

HC1 


c {acid) 

10 U- 

a = A/A 0 

1 

10°/*/[H 4 

001 

4-48 

0-971 

401 

002 

9-10 

0-959 

474 

003 

o •>.<) 

*«*» V 

0-940 

487 

010 

40*3 

0-921 

505 

0-20 

95-3 

0-897 

531 

0-50 

243 0 

0-858 

500 

100 

5150 

0-792 

050 


Recalculated values 


ct 

I0°A-/(H ') 

1000 

4 18 

»* 

•I5 5 

»» 

458 

i» 

405 

9 9 

470 

9 * 

480 

9 9 

515 


10 8 A(H + ) = 437, 10«A(HC1) = 811 


10 e A(H + ) = 44G, 

A(1IC1) =- 0 

(extrapolate<l toe — 0) 


CHCLCOOIL A' = 5-5 x 10~ 2 


c (acid) 

10 «£• 

a = A/A 0 

10 C A-/(H<) 

Recalculated 

100 A" r a 

values 

10U /[H f ] 

0-01 

4-10 

0-850 

479 

0-73 , 

0-880 

400 

0-02 

7-95 

0-709 

510 

7-19 

0-830 

480 

0-05 

18-1 

0-021 

582 

! 7-93 

; 0 090 ' 

520 

0-10 

32-7 

0-503 

050 

; 8-05 

0-595 

550 

0-20 

59-0 

0-393 

758 

9-40 

0-491 

005 

10 6 A*(H + ) = 

445 


10 6 A(H 

4 ) = 450 


10 fl A(CHCI 2 COOH) = 220 

lO c A(CHCI,COOH) =141 


CHoCICOOH. K = 1-55 X 10“ 3 


c {acid) 

10 6 A- 

a = A/A 0 

10 C AV(H + ] 

0-05 

4-G 

0-101 

571 

0-10 

7-0 

0-117 

050 

0-20 

11-9 

0-0842 

708 

0-50 

23-8 

0-0542 

878 

1-00 

40-1 

0-038G 

1,039 


10«A(H + ) = 448, 10 C A(CHX1COOH) = 23 7 
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We must now examine the results more critically. In the 
case of HC1 it is certainly more correct to assume complete 
dissociation in the range of concentrations used, and hence to 
take the hydrogen-ion concentration as equal to the stoichio¬ 
metric concentration of the acid. This has been done on the 
right-hand side of the table, and it will be seen that the revised 
values of &/[H + ] increase much less than before, the increase 
of 13 per cent, at an ionic concentration of 1 N being readily 
explicable as a primary salt effect. The same applies to data 
for other strong acids obtained by Dawson and Cramm,j* where 
the ratio &/[total acid] increases by 1-3 per cent, between 
c _ o oi and c = 0*1. We must therefore conclude that there 
is no evidence from these experiments for catalysis by the 
undissociated molecules of strong acids, a conclusion subse¬ 
quently confirmed by Dawson himself. J 

In the case of a weaker acid, such as dichloracetic, the degree 
of dissociation will be given approximately by the conductivity 
ratio, but above an ionic concentration of about 0-01 the de¬ 
crease in ionic mobility due to interionic forces will constitute 
a considerable source of error. From another point of view, we 
have seen that on both theoretical and experimental grounds 
(cf. p. 14) the concentration dissociation constant of an acid 
must vary considerably with the concentration of ions in the 
solution, while the conductivity measurements for dichloracetic 
acid indicate a constant value of K c up to /x = 0*1. The best 
way of estimating the true degree of dissociation in the solutions 
used is by means of equation (6), Chapter II. We shall write 

lo gio K c = logjoAo+V/i—o-fy, (1) 

which, according to Bronsted, represents a reasonable value for 
the linear term in the case of binary electrolytes.§ The activity 
dissociation constant K 0 has been taken as equal to the classical 
constant obtained from conductivity measurements: this is 
justified by the fact that the classical constant thus obtained 

f Dawson anti Cramrn, J. Chem. Soc. 1272, 1910. 

t Dawson and Carter, ibid. 2782, 192G. 

§ Bronsted and Volqvartz, Z. physical. Chem* 134, 97, 1928. 
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varies little with concentration, the variations in K r being 
approximately counterbalanced by the variations in the mobi- 
lities. For a given acid concentration equation (1) can now he 
used to obtain the true values of K r and \ by a short series of 
successive approximations. The values thus obtained for di- 
chloracetic acid are given in the right-hand half of Table X. 
It is not claimed that they arc accurate, but they should be 
nearer the truth than the original values (from which they differ 
considerably), and will in any case give an indication of the 
degree of uncertainty in the original conclusions. 

It will be seen that the revised values of /.*/[ H * ] increase with 
acid concentration to a smaller extent than the original values. 
However, the increase is still much too large to be attributed 
to a primary salt effect, and there can be no doubt that there 
is catalysis by the undissociated diehloraeetie acid molecules. 
On the other hand, the recalculation involves a decrease of 
about 40 per cent, in the catalytic constant of these molecules, 
and the original values must be regarded as being in error by 
about this amount. A similar error is present in the results for 
a-/3-dibromopropionic acid. 

In the case of monochloracctic acid we have not attempted 
to correct the results in this way. In the dilute solutions the 
ionic concentrations are too low to have much effect, and in 


the more concentrated ones the high concentration of undis¬ 
sociated acid introduces a new type of medium effect. Recent 
measurements! show that as a result of these two effects K r 
varies only by about 5 per cent, over the range of concentra¬ 
tions in Table X. The values of a and £/[H + ], given by Dawson, 
will therefore be substantially correct , and the increase of £/[H+] 
with concentration is at least twenty times as great as could 
be accounted for by a primary salt effect. The results thus 
show quite conclusively that there is catalysis by undissociated 
monochloracetic acid molecules, and the value derived for their 
catalytic constant cannot be much in error. The same applies 
to the results for acetic acid. 


f Mclnnes and Shedlovsky, J. Arner. Chem. Soc. 54, 1429, 1932 ; Chcm. Rev . 
13, 29, 1933; Grove, J. Amer. Chcm. Soc. 52, 1404, 1930. 
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In a later paperf Dawson studied the acetone iodine reaction 
in solutions of monochloracetic acid to which increasing amounts 
of t.odium monochloracetate were added. If the classical mass 
law is obeyed in these solutions, it is easily seen that by plotting 
the reaction velocity against the reciprocal of the salt con¬ 
centration the velocity due to the undissociated acid is given 
by the extrapolated value corresponding to infinite salt con¬ 
centration. By treating his data in this way, Dawson obtained 
a value 10 6 £(CH 2 C1COOH) = 24*5, in fair agreement with the 
value in Table X. This procedure is in principle open to the 
criticisms already put forward: thus it is easily seen that K c for 
monochloracetic acid probably varies by about 50 per cent, in 
the solutions studied. Actually, however, the final conclusions 
are not seriously affected, since the part played by the hydrogen- 
ion catalysis becomes progressively smaller as the salt con¬ 
centration increases. Recalculation on the basis of equation 
(1) indicates that Dawson’s catalytic constant is probably about 
15 per cent, too high. 

A large proportion of the early evidence adduced in support 
of the dual theory refers to kinetic measurements in methyl 
and ethyl alcohols, notably on the esterification reaction,J and 
the alcoholysis of diazoacetic ester.§ The problem of inter¬ 
preting these data is essentially the same as in aqueous solution, 
but on account of the lower dielectric constant of the non- 
aqueous media much greater errors will be involved in the 
classical interpretation of conductivity ratios, the use of the 
classical law of mass action, and the neglect of primary salt 
effects. The effect of the decrease in the dielectric constant D 
is seen by considering the coefficient A in equation (3), Chapter 
II; according to theoretical considerations the value of A (and 
also of the corresponding coefficient in the conductivity equa¬ 
tion) is inversely proportional to D*, so that the values for 

t Dawson and Rcimann, J. Chctn. Soc. 1426, 1915. 

% Goldschmidt and Sundo, Bcr. 39, 711, 1906; Goldschmidt and Thuesen, 
Z. physikal. Chan. 81, 30. 1912; Goldschmidt, Z. Elektrochcm . 15, 4, 1909; 
17, 684, 1911 ; Z. physikal . Chctn. 70, 027, 1910; 94, 233, 1920. 

§ Brodig, Z. Elektrochcm. 18, 535, 1912; Braune, Z. physikal. Chem . 85, 
170, 1913; Snothlage, Z. Elektrochcm. 18, 539, 1912; Z. physikal . Chem . 85, 
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methyl and ethyl alcohol will be respectively about throe and 
six times the value for water. Thus, for example (since (be 
deviations are proportional to the square root of the concentra¬ 
tion), a 0-1 N aqueous solution, a 001 N solution in methyl 

* 

alcohol, and a 0 002 N solution in ethyl alcohol will all exhibit 
deviations from classical behaviour of the same order of magni¬ 
tude. Moreover, the range of application of the theoretical 
expressions is correspondingly lower in (he alcohols, so that an 
exact interpretation of kinetic data in these solvents is difficult 
even from a modern viewpoint. 

Goldschmidts data on esterification in methyl and ethyl 
alcohols were originally interpreted according to the classical 
view of conductivity ratios, which led to the assumption of 
catalytic activity for the undissociated molecules of both strong 
and weak acids. The results in methyl alcohol were first treated 
from a modern point of view by Bjerrum,f and in later papers 
Goldschmidt himself showed that all his data for this solvent 


were consonant with the assumption that the (solvated) hydro¬ 
gen ion is the only catalyst.J In the case of ethyl alcohol the 
agreement is not quite so good,§ but the discrepancies between 
experiment and the hypothesis of simple hydrogen-ion catalysis 
are probably not greater than the uncertainties of interpreta¬ 
tion mentioned above. On the other hand, more recent work 
on esterification in the absence of any added catalyst shows 
that in this case the undissociated molecule of the esterifying 
acid is the chief catalyst (see p. 100). 

The position is essentially the same for the alcoholysis of 
diazoacetic ester. There is, however, one set of experiments by 
Snethlage|| which is still widely quoted as definite evidence for 
the dual theory, and it is of interest to consider this case more 
closely. The data refer to the reaction velocity in an 0 00909 M 
solution of picric acid to which varying quantities of the salt 
p-toluidine picrate had been added. The salt concentrations 


t Bjerrum, Fysisk Tidsskr. 15, 59, 1916; Z. Elektrochem. 24, 321, 1918. 
j H. Goldschmidt, Z. physikal. Chon. 114, 1, 1925; 117, 312, 1925; 129, 
223, 1927. 

§ Cf. Goldschmidt, Trans. Farad. Soc. 24, 662, 1928. 

|| Snethlage, Z. Elektrochem. 18, 539, 1912. 
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and the observed velocity constants are given in the first two 
columns of Table XI. It is easily seen that the addition of salt 
decreases the velocity much less than would be expected from 
the classical law of mass action, and, in fact, if the velocity is 
plotted against the reciprocal of the salt concentration, the 
curve obtained appears to indicate a finite limiting velocity in 
the presence of an infinite amount of salt. This ‘residual velo¬ 
city’ (amounting to about 22 per cent, of the velocity in the 
absence of salt) was attributed to catalysis by the undissociated 
picric acid molecule. It was pointed out by Bronsted in 1926f 
that this conclusion must be accepted with reserve on account 
of the very large salt effects which may be present, and it is 
therefore of interest to observe that data are now available for 
recalculating the experimental results from a modern point of 
view. Gross and Goldsternf have recently determined by an 
optical method the dissociation constant of picric acid in ethyl 
alcohol at various concentrations. Assuming for the moment 
that the hydrogen ion is the only catalytic species, its catalytic 
constant can be now calculated from the reaction velocity with 
no picrate added. Using this catalytic constant, we can cal¬ 
culate the hydrogen-ion concentrations in the solutions with 
added picrate, and hence the values of K c for picric acid in 
these solutions. (See column 3, Table XI.) Applying equation 
(2), Chapter II, to these values (using Gross’s value for K c ) we 
obtain the values given in the fourth column of the table for 
the mean activity coefficient \/(/h + /p ic-)* I* 1 the first place it 
may be noted that the variations of this activity coefficient 
with the ionic strength are not greater than would be anti¬ 
cipated theoretically on the basis of the Debye-Hiickel theory. 
Of greater interest, however, is the comparison with the E.M.F. 
measurements of Woolcock and Hartley§ for solutions of hydro¬ 
gen chloride in ethyl alcohol. The last column in the table 
contains the mean activity coefficients obtained by these authors 
for the ionic strengths obtaining in the diazoacetic ester experi- 

t Bronsted, Om Syrc og Basckatalysc, p. 20, Copenhagen, 1926. 

J Gross and Goldstorn, Alonatsh. 55, 316, 1930. 

§ Woolcock and Hartley, Phil. A lag. (vii), 5, 1133, 1928. 
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merits. It will Lie soon that there is substantial agreement 
between the two sets of activity coefficients, and this agree¬ 
ment amply confirms the original assnm[)tion that the hydrogen 
ion is the only effective catalyst. Complete agreement is not. 
to be anticipated, since at the ionic concentrations concerned 
the activity coefficients will depend to some extent on the 
individual nature of the ions: further, there may be a con¬ 
siderable primary salt effect which has not been taken into 
account. It is, however, quite clear that the original extrapola¬ 
tion was an unjustifiable one, and that there is no evidence for 
catalysis by undissociated acid in this reaction. 


Table XI 

Alcoholysis of ethyl diazoacetate in ethyl alcohol at 25° 

0-00909 M picric acid | x-molar p-toluidine piciuto 
k = first-order velocity constant, min.-i 


10 4 .r 

\0*k 

10 4 A' C 

j v(/ii f /i*k~) 

\ Un * fn~) 

0 

580 

3 31 

0-745 

0-726 

9-09 

485 

3-79 

0-696 

0-672 

18-2 

410 

4-70 

0-626 

0-635 

27-3 

375 

4-75 

0-623 

0-606 

3G-4 

322 

4-85 

0-616 

0-581 

45*5 

300 

5-31 

0-589 

0-559 

90-0 

220 

0-78 

0*522 

0-485 

136-3 

205 

9-35 | 

0-444 

0-443 

227-3 

180 

13-3 1 

0-372 | 

0-377 

454-5 

100 

! 23-1 ! 

0-281 

0-312 

909-0 

145 

42-1 1 

0-210 

0-255 


We can now sum up the position of the dual theory as follows. 

V 

The fundamental idea that undissociated acid molecules can 
act as catalysts is undoubtedly correct. On the other hand, 
most of the evidence originally adduced in support of the dual 
theory breaks down when examined in the light of modern 
view r s on electrolytes. The one exception is the work of Dawson 
on the acetone-iodine reaction. His results show quite definitely 
the catalytic effect of the undissociated molecules of weak acids, 
though in the case of fairly strong acids (e.g. dichloracetic acid) 
his values for the catalytic constant are probably in error by 
about 50 per cent., while for ‘strong’ acids the dual effect is 
completely illusory. 
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(c) General methods of investigating acid-base catalysis 

Before considering other results obtained for individual re¬ 
actions it wiU be convenient to treat briefly the general methods 
for planning and interpreting experimental work in this field. 

If we have an aqueous solution containing an acid HA and its 
anion A~, then in the most general case we may have catalysis 
by the species OH 3 +, OH-, HA, A- as well as the ‘ spontaneous’ 
or solvent catalysed reaction. The total reaction velocity v can 

thus be written 

v = ]+^oh-[^H"]+^ha[HA]+^a-[A ]• 

( 2 ) 

The general problem of detecting and measuring the catalytic 
effects of the different species is thus a complicated one, though 
it can generally be much simplified by a judicious choice of 

experiments. 

The special case in which the only catalytic species present 
are H O, OHf, and OH~ has already been considered in 
Chapter I, and the relative magnitudes of these three catalytic 
constants are of great importance in planning the experimental 
work. The simplest case is when there is a considerable range of 
hydrogen-ion concentration over which catalysis, by both OII 3 
and OH“, is negligible, corresponding to curve (a) in Fig. 1. 
(Thus in the mutarotation of glucose (cf. p. 65) this range 
extends from about pH = 4 to pH = 6.) By using buffer solu¬ 
tions within this range the catalytic effect of the constituents 
of the buffer may be readily evaluated, most simply by keeping 
the concentration of one constituent (e.g. acetic acid) constant, 
and varying the concentration of the other (e.g. acetate ions). 
If the reaction is catalysed only by acids or only by bases 
the range available is limited only on one side: thus in the de¬ 
composition of nitramide (cf. p. 63) there is no catalysis by 
hydrogen ions, and the catalysis by hydroxyl ions is negligible 
at anjThydrogen-ion concentration greater than about 10" 5 ., It 
should be noted that in this method it is not necessary to have 
any exact knowledge of the dissociation equilibrium in the 
buffer solution, so that secondary salt effects can be negleoted. 
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Primary salt effects will generally he small if the ionic con¬ 
centration does not exceed 01 N, and can in any case he 
estimated from experiments with strong acids or strong bases. 

It is not always feasible to use the method outlined above, 
even when there exists a range of negligible catalysis by hydro¬ 
gen or hydroxyl ions. Thus, in the hydrolysis of ethyl acetal 
(cf. p. 76) the catalysis by hydrogen ions does not become 
negligible until concentrations below about 1<)~ 8 are reached, 
and it is clearly impossible to prepare solutions in this range 
containing appreciable concentrations of an acid such as acetic 
acid. If this is the case, or if there is no appreciable ‘spon¬ 
taneous’ range of hydrogen-ion concentrations (as in curve (6), 
Fig. 1), a different method must be used. The hydrogen and 
hydroxyl-ion concentrations in the solution are governed by 
the equations 


[OH 3 +][OH-] = K wt 

so that equation (2) becomes 

v = ^*o T ^*o h / J ^ ^ OH 


[OH,+ ] = K c ^, 


(3) 


a;, [a] 

A'c [HA] 


+ ^ h a [ H A ] + k A [ A J. 


w 

If it can be assumed that K c and K w are true constants, the 
first three terms of this expression can be kept constant by 
maintaining a constant ratio [HA]/[A] = x. Under these con¬ 
ditions the velocity is given by 

v = fc x +[HA](&H A +a:£ A ), (5) 


where k x depends only on x. A series of experiments with 
constant x thus gives (A’ ha +.t£ a ), and from several such series 
the values of jfc HA and k A can be obtained separately. 

The validity of this method depends on the assumption that 
K w and K c remain constant when the salt concentration varies. 
We have already seen (pp. 14-23) that this is far from being 
the case, and the application of equation (5) without further 
precautions may lead to considerable errors. Thus, in a series 
of buffer solutions containing a constant ratio of acetic acid to 
sodium acetate, the hydrogen-ion concentration will increase 



62 


GENERAL ACID -BASE CATALYSIS 


with increasing total buffer concentration, and the consequent 
increase in velocity would be interpreted wrongly as due to 
catalysis by acetic acid or acetate ions. If &oh, + &Rd &oh~ &re 
known it may be possible to correct approximately for varia¬ 
tions in K c and K w on the basis of theoretical expressions or 
actual measurements of dissociation constants. It is much 
simpler, how'ever, to carry out kinetic experiments in which 
the total salt concentration is constant. Since K c depends to a first 
approximation on the ionic strength alone, and only to a smaller 
extent on the nature of the ions present (cf. p. 16), this pro¬ 
cedure renders valid the simple treatment embodied in equa¬ 
tions (4) and (5). The constancy of salt concentration is most 
easily achieved by adding suitable amounts of a salt having no 
catalytic activity. Thus, for example, the following solutions 
will be to a good approximation ‘isohydric’, and can be safely 
used for investigating catalysis by acetic acid molecules or 

acetate ions: 

0-1 N acetic acid+0-1 N sodium acetate 

0*075 N ,, +0*075 N ,, +0*025 NNaCl 

0*05 N ,, +0*05 N ,, +0*05 N 

0*025 N „ +0*025 N „ +0*075 N „ 

It should be noted that this method does not demand any exact 
knowledge of dissociation constants, either in salt solutions or 
at infinite dilution. 

It is sometimes possible to obtain information from measure¬ 
ments with unbuffered solutions of weak acids or weak bases. 
If the dissociation constants are accurately known, the effect 
due to hydrogen or hydroxyl ions can be calculated and allowed 
for. Further, if the acid or base is weak enough to obey the 
classical law of mass action with reasonable accuracy, the data 
can be treated without a knowledge of the dissociation con¬ 
stant. Thus, in a solution of a weak acid of stoichiometric 
concentration c, we have approximately 

[OH/] = [A] = {K c c}K [AH] = c—{^ e c}l, 
and hence (if catalysis by hydroxyl ions can be neglected) 

— ^o+V(^c c )(^ou 1 + + ^a) + ^*ha{ c V(*c‘)} 


v 


s 
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°r (*’ ^'o)/' /c — ^iia)^+/ „ a vV, 

so that the value of X 1IA can he obtained directly by plotting 
(v-k- 0 )/\'c against \'c. This method is applicable to weak acids 
like acetic, but breaks down if the ionic concentration exceeds 
about 0-01, or the degree of dissociation exceeds a few per cent. 

(d) Some examples of general catalysis in aqueous solu- 
tion 


In this section we shall describe briefly some of the investiga¬ 
tions which have contributed particularly to our knowlcd<mof 
general acid-base catalysis, illustrating the methods useefand 
the results obtained. 

The decomposition of nitramide. Nitramidc, Nil,NO was 
first prepared by Thiele and Lachniann.t who found that in 
alkaline solutions it decomposed rapidly according to the cqua- 

tion NH 2 N0 2 —>N.O+H.O. 

fa 


The first kinetic study of this reaction was made by Bronstcd 
and Pedersen,f who followed the reaction hy measuring the 
volume of nitrous oxide evolved and found it to be strictly of 
the first order. The catalytic effect of the hydroxyl ion is so 
great as to be considerable even in neutral solutions, and no 
reliable value could be obtained for its catalytic constant. In 
solutions of strong acids, on the other hand, the velocity is 
independent of the hydrogen-ion concentration over a large 
range (10 —0*4), and the constant velocity thus obtained can 
be taken as the ‘spontaneous’ (or water-catalysed) reaction. 
This spontaneous rate was also found to be unaffected by the 
nature of the strong acid and by the addition of salts.§ Most 
of the other experiments of Bronstcd and Pedersen deal with 


t Thiclo and Lachmann, Lieb. Ann . 288, 267, 1895. 

J Bronsted and Pedersen, Z. physikal, Chcm. 108, 185, 1923. 

§ Li a recent paper ( J. Am. Chem. Soc. 56, 2008, 1935) LaMor and Marlies 
have found a slight increaso of velocity in concentrated acid solutions, which 
they attribute to acid catalysis. On account of the high ionic concentrations 
involved it is impossible to be quite certain whether this is the correct explana¬ 
tion, but the effect is too small to be detectable in any of the experiments 
referred to in this section. In this connexion it may be noted that the decom¬ 
position of nitramide in somo non-aqueous solvents appears to bo definitely 
catalysed by acids (cf. pp. 100-2). 
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catalysis by the anions of weak acids. Thus it was found that 
in a solution of sodium acetate containing enough acetic acid 
to repress hydroxyl-ion catalysis the velocity was much greater 
than the spontaneous rate, and that the increase in velocity 
was directly proportional to the concentration of acetate ions 
and independent of the ratio of acetic acid to acetate ions. This 
is illustrated by the figures given in the following table: 


Table XII 


Decomposition of nitramide at 15° 


1c = first-order constant, log 10 minutes 
‘Spontaneous’ rate = 38*0 X 10 -s 


[CH 3 COO-] 

[CH 3 COOH] 

10 s k 

0 00414 

00162 

246 

0*00683 

0*0135 

382 

0*0102 

0*0101 

551 

00136 

0*0067 

726 | 


(10 5 fc - 38*0) /[CH3COO-] 

0*504 

0*505 

0*503 

0*506 


It is clear that the acetate ions exert a powerful catalytic effect, 
and similar behaviour was found for the anions of seven other 
weak monobasic acids, the doubly and singly charged anions 
of four dibasic acids, and the ions H 2 P0 4 and HPOj'. The 
catalytic constants measured varied from 0-65 (propionate) to 
0-0007 (dichloracetate). Later work ] is in good agreement with 
the results of Bronsted and Pedersen, and extends the measure¬ 
ments to other anions and other temperatures. 

This work constitutes the first demonstration of general basic 
catalysis in which the catalytic activity of the hydroxyl ion is 
shared by the anions of other weak acids. In conformity with 
general views on the nature of acids and bases we should expect 
a catalytic effect to be exhibited also by uncharged basic mole¬ 
cules, such as ammonia or aniline. BrOnsted and Pedersen did 
in fact demonstrate catalysis by aniline molecules, and in a later 
paperj seven substituted anilines were investigated. The pro¬ 
cedure was essentially the same as that employed in the anion 
catalysis, measurements being made in buffer solutions con- 

+ Baughan and Ball, Proc. Boy. Soc. 158 A, 464, 1937. 

J Bronsted and Duus, Z. physikal. Chcm. 117, 1-99, 1925. 
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taming aniline and enough anilinium ion to eliminate any effect 
due to hydroxyl ion. The velocity was again found to he a 
linear function of the base concentration. 

A further paperf deals with catalysis by another less usual 
type of base. A number of complex aquo-ions (i.e. ions with 
coordinated water molecules) take part in equilibria of the fol¬ 
lowing type, 

[Co(NH 3 ) 5 (H 2 0)] +++ -f- HoO ^ fCo(NH 3 ) 5 (0H)]++ + 0II 3 + , 

(A) (B) 

and it is clear from the general definition of acids and bases 
discussed above (p. 37) that the molecules (/I) and (B) must 
be regarded as respectively acidic and basic. In agreement 
with this conclusion it was found that seven different doubly 
charged cation bases of the type (B) had a large catalytic effect 
on the decomposition of nitramide, and their catalytic constants 
were determined. 

The decomposition of nitramide in non-aqueous solvents and 
the quantitative consideration of the catalytic constants will be 
dealt with in later sections (pp. 100 and 86). 

The mutarotation of glucose . This reaction consists in the 
transformation of a-glucose into an equilibrium mixture of 
a- and /2-glucose. The two forms of glucose are isomers having 
the following structures, 


X 1 
O - 

OH 
. 1 

OH 

1 

H 

1 

H /I 

K H 

\ OH 
OH\| 

» X >0 
H / 

h /r 

/ H 

\ OH 
OH\| 

l\ 

011 >0 
H / 

1/ 

H 

CHoOH 

1 

H 

1 

CH.OH 


so that the change from one to the other involves breaking the 
semiacetal link in the ring. The interconversion of the two 
forms is accompanied by a change in optical rotation which 
has been used by most workers for measuring the velocity. 
There are, however, also small changes in the volume and 
refractive index of the solution, and it has been shown that 

t Bronsted and Volqvartz, Z. physikal. Chon. 155 A, 211, 1931. 

K 


4503 
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these properties may he used equally well for measuring the 
velocity and lead to identical results.*)* The change has proved 
to be strictly of the first order under all conditions, and since 
the reaction is a balanced one the first-order constant measured 
is equal to the sum of the constants for the forward and reverse 

reactions. 

Summaries of the earlier work on the mutarotation reaction 
have been given by HudsonJ and by Kuhn and Jacob.§ There 
is catalysis by hydrogen ions and by hydroxyl ions, and the 
relative magnitude of these effects may be illustrated by the 
equation given by Hudson|| 

Jc = 0-0096 + 0-258[OH^] + 9750[OH“], 

where k is the first-order constant (log 10 minutes) at 25°. It 
is clear from these values that there is a considerable range of 
hydrogen-ion concentrations (about pH 4-6) over which cata¬ 
lysis by both hydrogen and hydroxyl ions is negligible, so that 
the ‘ spontaneous’ rate can be observed directly in this range. 
The value of & 0H + is most simply obtained by measurements 
with solutions of strong acids up to about 0-1 N, when the 
velocity is found to be a linear function of the concentration. 
In later measurements^} the hydrogen-ion concentration has 
often been taken from the results of measurements with the 
hydrogen electrode. This procedure introduces several unneces¬ 
sary complications. In the first place, the cells measured always 
involved liquid-liquid junctions, the potential due to which 
cannot be evaluated or eliminated completely. In the second 
place, the ‘hydrogen-ion concentrations’ derived from these 
measurements are actually functions of the mean activity of 
the hydrogen ion and the anions present in the solution, so 
that they bear no simple relation to the kinetic data. 

In order to obtain a value for A* 0H - directly, it is necessary 

t Pratolongo, Rend. ist. Lombardo Sci. 45, 961, 1912; Riiber, Ber. 55, 3132, 
1922; 56, 2185, 1923; 57, 1599, 1924. 

| Hudson, J . Am. Chem. Soe. 32, 889, 1910. 

§ Kuhn and Jacob, Z. physikal. Chem. 113, 389, 1924. 

|j Hudson, J. Am. Chem. Soc. 29, 1571, 1907. 

^ o.g. Kuhn and Jacob, Z. physikal. Chem. 113, 389, 1924; Euler, Olander, 
and Rudberg, Z. anorg. Chem. 146, 45, 1925. 
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to use very dilute solutions of hydroxides, with a consequent 
danger of error due to contamination by carbon dioxide.! Most 
of the early values for £ 0 ii~ n,c therefore based on measure¬ 
ments in buffer solutions, the hydroxyl-ion concentrations being 
determined by electrometric or indicator measurements. Apart 
from the difficulty of calculating the true hydroxyl-ion con- 

V 

centrations in such cases, it is now clear that the acid and basic 
constituents of the buffer solutions will also in general exert 
a catalytic effect, so that the values obtained by this method 

V 

will usually be too high. Even in solutions containing only 
glucose and sodium hydroxide it has been shownj that the 
catalytic effect of the glucosate ion (formed from the glucose 
molecule by the loss of a proton) contributes 20-40 per cent, 
of the measured velocity. On account of these complications 
there is still some uncertainty as to the correct value for Z ()H -. 

The presence of general catalysis was demonstrated almost 
simultaneously by Lowry § using polarimctric measurements, 
and by Bronsted|| using dilatometric measurements. In addi¬ 
tion to HoO, OH^, and OH~, the following types of catalyst 
were found to be effective: 

(a) Uncharged acids, e.g. CH 3 COOH. 

(b) Cation acids, e.g. NH/. 

(c) Uncharged bases, e.g. NH 3 . 

(d) Anion bases, e.g. CH 3 COO~, SOf. 

(e) Cation bases, e.g. [Co(NH 3 ) 5 OHJ++. 

The mutarotation of glucose thus exhibits catalysis by a very 
wide variety of both acid and basic catalysts. 

The experiments of Lowry and those of Bronsted lead to 
essentially the same conclusions, but those of Bronsted are 
somewhat easier to interpret since they deal mostly with the 
range pH 4-6 in which catalysis by OH + and OH~ is negligible, 

t Cf. Lowry and Wilson, Trans. Farad. Soc. 24, GS3, 1028. 

t Smith, J. Chem. Soc. 1824, 193G. 

§ Lowry and Smith, J. Chcm. Soc. 2539, 1927. 

|| Bronsted and Guggenheim, J. Am. Chem. Soc. 49, 2554, 1927. 
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and do not involve electrometric measurements of hydrogen-ion 
concentrations. The type of results obtained may be illustrated 
by Fig. 5, which shows the data for sodium salts of various 
weak acids with a small quantity of the corresponding acid 
added to bring the hydrogen-ion concentration into the range 
10- 4 -10“ 6 . It is clear that the velocity is a linear function of 
the concentration of the anion. 



Fig. 5. Catalysis by basic anions in the inutarotation of glucose. 


Both Bronsted and Lowry find that there is no appreciable 
salt effect in the hydrogen-ion catalysis. Lowry finds that in 
concentrated solutions of hydrogen chloride the reaction velo¬ 
city increases faster than the acid concentration, which he 
interprets as due to the catalytic effect of the undissociated 
acid molecule. However, we have no means of determining the 
concentration of such undissociated molecules (Lowry’s values 
derived from conductivity measurements being clearly incor¬ 
rect), and it is thus impossible to evaluate the catalytic constant 
for the HC1 molecule. 

A recent paper*)* deals with catatysis by a number of amino- 
acids. These exist in solution chiefly in the zwitterion form 

NH3...COO, and their catalytic effect is primarily due to the 
basic properties of the carbox 3 date-ion grouping. 

f Wosthoimor, J. Org . Chem. 2, 431, 1938. 
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The depolymerization of dimeric dihydroxyacetone. The change 
involved in this reaction is represented by the equation 

011.,OH 


C.OH CH„ 

oS x O 
err; 6 .oh 


OH.,OH 

I *• 

OO-OH.,OH 


OH.OH—00 


OH.,OH 


OH.,OH 


so that the bond broken is of the semi-acetal type, just as in 
the mutarotation ol glucose. The depoly merization is accom¬ 
panied by a large increase in volume, and the reaction can thus 
be studied dilatometrically.f Its catalytic behaviour is very 
similar to that ol the mutarotation reaction, catalysis being 
exhibited by 0H 3 *\ OH", H 2 0, undissociated acids, and the 
anions of weak acids. It may, however, be noted that there is 
no range over which catalysis by both OH,* and OH" is 
negligible, the expression for the velocity at. 25° beinir 

A- = 0*00255+1-72[OH 3 + ] + 4-03x 10 7 [OH ] 

(in the absence of other catalysts). The evaluation of catalytic 
constants for other species is thus more laborious than in the 
mutarotation of glucose, the general method described on p. 01 
being necessary. The depolymerization of dimeric glycolalde- 
hyde lias also been investigated]; and shows a very similar 
behaviour. 

The halogenation of acetone. Practically all the work on this 
reaction is due to Dawson, and it has already been mentioned 
(p. 52) as the first reaction in which catalysis by undissociated 
acid molecules was definitely established. The exact nature of 
the rate-determining step is discussed in Chapter VII. It is 
sufficient to state here that the reaction velocity is independent 
of the concentration of the halogen and is the same for bromine 
and for iodine: hence the process of which the rate is measured 
precedes the halogenation and involves only the acetone mole- 


t Bell and Baughan, J . Chetn. Soc. 1947, 1937. 
X Bell and Hirst, ibid. 1777, 1939. 
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cule and the catalyst. Since the halogenation produces halogen 
acid the reaction is autocatalytic in initially neutral solutions, 
and except in buffered solutions it is necessary to measure 
initial rates. This can, however, be done with considerable 
accuracy on account of the high precision of iodine titrations 
even in dilute solution. 

Dawson’s earlier papers have already been discussed (p. 52). 
In later papersf he has extended measurements to further un¬ 
dissociated acids, and also shown that there is catalysis by the 
anions of weak acids. The majority of Dawson’s experiments 
were carried out in series in which the acid concentration was 
kept constant and the salt concentration was varied, the latter 
sometimes being as high as 3 N. The quantitative interpreta¬ 
tion of these data is hence a matter of some difficulty, and the 
treatment given by Dawson is often open to criticism. J How¬ 
ever, a critical examination of the assumptions made shows 
that the catalytic constants obtained for the undissociated acid 
molecules cannot be much in error. It may be noted that 
neither the ‘spontaneous’ rate nor catalysis by the hydroxyl 
ion can be observed directly, and their evaluation involves 
assumptions about the dissociation constants of weak acids and 
water in buffer solutions. Dawson gives few data for catalysis 
by basic anions, but Lidwell and Bell§ have investigated a 
number of these catalysts in the halogenation of acetone and 

of several substituted acetones. 

The bromination of acetoacetic estev and acid . These reactions 

are essentially similar to the halogenation of acetone, in that 
the rate measured is independent of the bromine concentration 
and involves a change (enolization or ionization) connected with 
the group —CH 2 CO—. Kinetic measurements at 0°, 18°, and 
25° have been made by Pedersen.|| In this case the mono- and 

t Dawson and Carter, J. Chcm. Soc. 2282, 1926; Dawson and Dean, ibid. 
2872, 1926; Dawson and Hoskins, ibid. 3166, 1926; Dawson, ibid. 213, 766, 
1146, 1927 ; Dawson and Key, ibid. 543, 1239, 1248, 1928; Dawson, Hall, and 
Key, ibid. 2844, 1928; Dawson, Hoskins, and Smith, ibid. 1884, 1929. 

J Cf., e.g., Bronsted, Trans. J Farad. Soc. 24, 728, 1928. 

§ Lidwoll and Boll, Proc. Boy. Soc. A, 176, 88, 1940. 

|| Pedorson, Den almindelige Syre• og Basekaialyse , Copenhagen, 1932; 
J. Phys. Chem . 37, 751, 1933; 38, 601, 1934. 
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dibromo-compounds will liberate iodine from potassium iodide, 
and this fact is used in following the reaction, the excess of 
bromine being removed by allyl alcohol. For the ester the two 
successive steps in the bromination take place at comparable 
rates (the second one being the faster), but it is possible by 
a somewhat laborious analysis to obtain the velocity constants 
for both steps from the net rate of bromination. The catalytic 
behaviour of the two reactions was found to be similar. In 
slightly acid solution the rate is independent of the hydrogen- 
ion concentration, corresponding to the ‘spontaneous’ or water- 
catalysed reaction. In more concentrated solutions of acids the 
velocity increases slightly (5 per cent, in 0-2 N IICl), but this 
increase is no greater than the decrease produced by equivalent 
concentrations of neutral salts, so that it is doubtful whether 
it can be interpreted as catalysis by hydrogen ions. In the 
presence of the anions of a weak acid the velocity increases 
linearly with the anion concentration, and the catalytic con- 
stants of five anions were evaluated for the two stages of the 
bromination. No measurements were made for catalysis by 

ft* 

hydroxyl ions or for other types of base. 

By studying solutions containing acetoacetic acid and its 
sodium salt it was found that only the undissociated acid was 
brominated at a measurable rate, the anion being unreactive. 
Since the a-bromoacetoacetic acid formed is a fairly strong acid, 
it is possible to work under such conditions that it is present 
almost entirely as the anion, so that only one molecule of 
bromine reacts. The reaction is again found to be catalysed by 
the anions of weak acids, including the acetoacetate ion itself. 

The bromination of nitroynetliane. It was shown by Junellf 
that in acid solution this reaction is of the first order with 
respect to the nitromethane, while the velocities of the chlorina¬ 
tion and bromination are the same and independent of the 
halogen concentration. It is thus clear that this reaction is 
analogous to the last two described, its rate being determined 
by a change in the nitromethane molecule itself. Moreover, the 
bromination of monobromo- and dibromo-nitromethane takes 

f Junell, Z. physikal. Chern. 141 A, 71, 1929. 
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place very much faster than the bromination of nitromethane 
itself, so that the disappearance of six atoms of bromine per 
molecule of nitromethane is controlled by the rate of the first 

step. 

The catalytic behaviour of the reaction has been studied by 
Pedersen,f who measured the time taken for a given amount of 
bromine to disappear. His results are not very accurate, but 
are quite adequate to establish the nature of the catalysis. He 
finds that there is no acid catalysis, the rate in solutions of 
strong acids being independent of the hydrogen-ion concentra¬ 
tion, but that there is general basic catalysis by the anions of 

weak acids. 

The catalytic effect of the hydroxyl ion cannot be investi¬ 
gated by the bromination method. However, if we assume 
(cf. p. 136) that the rate-determining step in the bromination 
is the ionization of the nitromethane, e.g. with acetate ions as 

catalyst, 

ch 3 no 2 +ch 3 coo--> [CH 2 N0 2 ]-+CH 3 C00H, 

then the analogous process for hydroxyl ions is 

ch 3 no 2 +oh--> [CH 2 N0 2 ]-+H 2 0. 

This represents the slow neutralization of nitromethane by a 
strong base, the rate of which has been measured by HantzschJ 
by following the electrical conductivity. 

Hydrolytic reactions . As will be seen in the next section, the 
majority of hydrolytic reactions do not exhibit general acid- 
base catalysis, being catalysed only by the ions OH^ and OH”. 
The only well-established exceptions to this rule are the hydro¬ 
lyses of ethyl ortho-acetate, ortho-propionate, and ortho- 
carbonate, studied by Brttnsted and Wynne-Jones.§ This type 
of reaction offers the advantage that no acid is produced, while 
it can be studied accurately by a dilatometric method. The 
reactions are unaffected by bases, but are so sensitive to hydro¬ 
gen ions that in studying the effect of other acid species it is 

j Pederson t I\y /. Dotiskc Vid. Sclsk. Afcrfrf. 12^ 1, 1932. 

X Hantzsch and Veit* Bcr. 32, 616, 1899* 

§ Bronstcd and Wyniio-Jonos, F&rod* Soc. 25* 59* 1929* 


GENERAL ACID-BASE CATALYSIS 


73 


impossible to work in a range where catalysis by hydrogen ions 
is negligible. In the case of ethyl ortho-acetate and ortho- 


propionate it was only possible fo work 


with very weak acids 


(A < 10 fi ) even when buffer solutions were used. 


This re¬ 


stricted the range of catalysts which could 


be investigated, but 


catalysis was clearly demonstrated 
by the undissociated molecules of 
several weak acids. This is illus¬ 
trated by Fig. 6, which shows the 
velocity of hydrolysis of ethyl ortho- 
acetate in a series of yj-nitrnphcnol 
buffers, plotted against the concen¬ 
tration of yj-nitrophcnol. 

In order to avoid secondary salt 
effects the ionic strength was kept 
constant at 0-05 by adding appro¬ 
priate amounts of sodium chloride. 
Under these conditions the hydro- 
gen-ion concentration is effectively 
constant at constant buffer ratio 
(A/B), and the rising slope of each 



m A 


I*io. 6. The hydrolysis of othyl 
ortho-acetate in p-nit rophenol 


of the lines shows clearly the cata¬ 


buffers. 


lytic effect of the undissociated />-nitrophenol molecule. 

The oxidation of phosphorous and hypo phosphorous acids by 
iodine. It has been known for some time that these reactions 
are catalysed by hydrogen ions,t and it has been recently 
shown{ that uncharged and anion acids also act as catalysts. 
The quantitative treatment of the reaction is fairly complex 
owing to the presence of alternative reactions and to the fact 
that both the reactants and the products are fairly strong acids. 
It was found necessary to work with buffer solutions of high 
and varying ionic strength, so that the interpretation of the 
results is complicated by the difficulty of determining the true 


t Mitchell. J. Chcm. Soc. 1322, 1920; 1266, 1921; 1624, 1922; 2241, 1923; 
Berthoud and Berger, J. Chim. pfnjs. 25, 568, 1928; Griffith and McKeown! 
Trans. Farad. Soc. 30, 530, 1934. 

f Nylen, Z. anorrj. Ohctti. 230, 38o, 1937; Griffith, McKeown, and Tavlor, 
Trans. Farad. Soc. 36, 752, 1940. 

4503 
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position of ionic equilibria in these solutions. However, there 
can be no doubt that the experimental results establish the 
existence of general catalysis by acids. 

The decomposition of the diazo-acetate ion. This reaction takes 

place according to the equation 

N 2 : CH.C00-+H 2 0 -> CH 2 OH.COO-+N 2 

and lias recently been investigated by King and Bolinger.f It 
is of special interest as the only case so far investigated in 
which the substrate is an ion rather than an uncharged mole¬ 
cule, though there are many points in its behaviour which are 
not yet properly understood. The ion (used in the form of its 
potassium salt) is fairly stable in strongly alkaline solutions, 
but is extremely sensitive to hydrogen ions. The range of 
hydrogen-ion concentrations over which catalysis could be con¬ 
veniently studied was 10 - 13 - 10 - 10 , i.e. in alkaline solution 
throughout. The plot of reaction velocity against hydrogen-ion 
concentration is only linear up to about 2xl0“ 12 , falling off 
greatly above this concentration. The velocity in buffer solu¬ 
tions points to the existence of general acid catalysis (the species 
investigated being H 2 0, phenol, acetic acid, ammonium ion, 
piperidinium ion, and HPO^), but the results are far from 
simple, since the catalytic effect of each acid appears to vary 
with the amount of the corresponding base present. More work 
on this type of reaction would be of great interest. 

(e) Specific catalysis by hydrogen and hydroxyl ions 

There are a number of reactions in which it has not proved 
possible to establish the existence of catalysis by acids or bases 
other than the ions OH^ and OH". We shall see later (p. 95) 
that this may be merely a quantitative difference rather than 
an indication of any fundamental distinction between the two 
classes of reactions. However, reactions of this type have in 
any case considerable practical importance, since they may be 
used to determine the concentration of hydrogen or hydroxyl 
ions even in solutions which contain other acidic or basic species. 

-f- King and Bolinger, J. Amer. Chtrtx. Soc . 58, 1533, 1936. 
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We shall therefore give a brief account of those reactions which 
have most importance from this practical point of view. 

The decomposition of diazoacetic ester. In acid aqueous solu¬ 
tions the following reaction takes place: 

CHNo.COOEt+HoO —> UHoOH.COOEt+No 

and can be conveniently followed by measuring the pressure or 
volume of the evolved nitrogen. The first quantitative work 
was done by Brcdig and his pupils,f who found it to be a strictly 
first-order reaction and concluded that the velocity was directly 
proportional to the hydrogen-ion concentration in solutions of 
both strong and weak acids. Examples of the values obtained 
by Fraenkel are given in Table XIII. 

Table XIII 


Decomposition of diazoacetic ester in aqueous solution (20°) 

k = first-order constant, min . -1 


Catalyst 

10* (OIl 3 ' 1 

10 »/• 


0-000909 N UNO, 

; 9-09 ! 

345 

380 

0-00182 N HN0 3 

18-2 

703 

387 

0-000364 N picrie acid 

3-01 

140 

38-3 

0-000909 N picric acid 

9-09 1 

355 

39 1 

0-00990 N m -nitrobenzoic acid 

16-8 j 

032 

1 37 0 

0 01S2 N acetic acid 

5-03 

21 8 

38-8 


In the case of the weak acids the hydrogen-ion concentrations 
were calculated according to the classical law of mass action, 
but since the ionic concentrations are so low the error thus 
introduced is very small. Fraenkel also found fair agreement 
between observed and calculated velocities in solutions con¬ 
taining both acetic acid and sodium acetate. In this case, how¬ 
ever, the observed velocities were always slightly too high, the 
discrepancy increasing with increasing ionic concentration. 
This was later interpreted as a secondary salt effect, and is 
paralleled by the accelerating effect of other added salts (cf. 
Table VI, p. 19). There is, however, no evidence that the 
undissociated acid molecules exert any catalytic effect. 

t Bredig and Fraenkel, Z. Elektrochem. 11, 525, 1905 ; F raenkel, Z. pltysikal. 
Chem. 60, 202, 1907; Spitalsky, Z. anory. Chem. 54, 278, 1907. 
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I •: should be noted that this reaction has an abnormally high 
positive primary salt effect, e.g. the addition of 0*1N sodium 
or ammonium perchlorate to a solution of perchloric acid in¬ 
creases the velocity by about 15 per cent. This salt effect 
(which is, of course, different for different added salts) must be 
taken into account when using the diazoacetic ester reaction to 
determine hydrogen-ion concentrations.*)* A further complica¬ 
tion arises from the fact that in presence of many anions a 
second reaction takes place simultaneously, e.g. in solutions of 
chlorides, 

CHN 2 .COOEt+H++Cl- -> CH 2 Cl.COOEt+N 2 . 

This type of addition has been found to take place with 
chlorides, nitrates, and sulphates, but not with perchlorates or 
picrates.J 

The decomposition of diazoacetic ester in alcoholic solu¬ 
tion, e.g. 

CHN 2 .COOEt+EtOH -> CH 2 OEt.COOEt+N 2 , 

probably also constitutes an example of specific catalysis by 
the solvated hydrogen ion. It has been previously shown (p. 57) 
that there is no real evidence for the supposed catalysis by 
undissociated acid molecules. 

The hydrolysis of acetals. These reactions are of the type 

CH 3 CH(0R) 2 +H 2 0 -> CH 3 CHO+2ROH 

and are catalysed by acids but not by bases. A large number 
of different acetals have been investigated by Skrabal§ using 
a chemical method. He concluded that there was direct pro¬ 
portionality between hydrogen-ion concentration and reaction 
velocit}^. The possibility of catalysis by undissociated acid 
molecules has been carefully investigated by BrOnsted and 
Wynne-Jones|| in the case of dimethyl acetal, using a dilato- 
metric method. They found no evidence for such an effect, and 

f Cf. Bronsted and Duus, Z. physikal. Chem. 117, 299, 1925; Brdnsted and 
King, ibid. 130, 699, 1927; Bronsted and Volqvartz, ibid. 134, 97, 1928. 

| Bredig and Ripley, Bcr. 40, 4015, 1907; Lacks, Z. physikal. Chem . 73, 
291, 1910. 

§ For a summary and references, see Skrabal, Z. Elektrochem. 33, 322, 1927. 

|| Bronsted and Wynne-Jones, Trans. Farad . Soc . 25, 59, 1929. 
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their results are illustrated by the last four rows in Table VII 
(p. in), where a change in the concentration of formic acid 
from 0-02 N to 0*03 N has no effect on the reaction velocity 
when the buffer ratio and the ionic strength are kept constant. 
It was also found that there is no measurable ‘water reaction’. 
Exactly similar results were found by BrOnsted and Grovef for 
dimethyl acetal and ethylene acetal, the catalytic constants k/c 
(k = first-order constant at 20°, min.- 1 , c = hydrogen-ion con- 

V O 

centration) having the following values: 


Diethyl acetal, k/c = 19 
Dimethyl acetal, k/c ~ 3*92 
Ethylene acetal, k/c ~ 0180. 


It is thus possible to cover a large range of hydrogen-ion con¬ 
centrations by choosing a suitable acetal. In accurate work it 
is necessary to take into account the rather large salt effect 
(cf. BrOnsted and Grove).| 

The decomposition of nitroso-triucetonaminc. The reaction is 
CH 2 -C(CH 3 ) 2 

CO( >N. NO 

CHo—C(CH 3 ) 2 


CH=C(CH 3 ), 

'C\/ 


> co r +n 2 +h„o 

x CH=C(CH 3 ), 


and has been studied by Francis and his collaborators by 
measuring the pressure or volume of the nitrogen evolved. + 
They found it to be a first-order reaction, the velocity being 
directly proportional to the hydroxyl-ion concentration up to 
about 0-5 N. Above this concentration the reaction appears 
to be complex. There have been no experiments specifically 
designed to detect general basic catalysis. However, measure¬ 
ments in solutions of sodium carbonate and sodium phosphate 
gave velocities in fair agreement with the hydroxyl-ion con¬ 
centrations calculated from other data, and the same is true 
for the piperidine buffers studied by Bronsted and King,§ so 
that there can be no marked effect due to the other basic con¬ 
stituents of these buffers. The primary salt effect is small 


f Bronsted and Grove, J. Am. Chem. Soc. 52, 1394, 1930. 
t Clibbens and Francis, J. Chem. Soc. 1358, 1912; Francis and Geake, ibid. 
1722, 1913; Francis, Geake, and Roche, ibid. 1651, 1915. 

§ Bronsted and King, J. Am. Chem. Soc. 47, 2523, 1925. 
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(7 per cent, for 0*1 N NaCl: cf. Bronsted and King),f so that 
the reaction is a convenient one for measuring hydroxyl-ion 
concentrations. 

There are a number of reactions in which the presence of 
general acid or basic catalysis is a matter of dispute, or in which 
the contribution of species other than OH^ and OH" is so small 
that it cannot be quantitatively evaluated. Some of these 
reactions are of considerable general importance, and we shall 
therefore mention them briefly here. In these doubtful cases 
useful information can often be obtained from a study of the 
isotope effect, though the correct interpretation of the data is 
not always clear. (See pp. 143-52.) 

The inversion of sucrose . This reaction played a large part 
in the foundation of the classical theory of catalysis by hydrogen 
ions, and for most purposes we can assume that the velocity is 
directly proportional to the hydrogen-ion concentration, since 
the primary salt effect is small. J It has already been shown 
(p. 51) that early attempts to establish general acid catalysis 
in this reaction ^vere based on a misinterpretation of the data. 
However, the data of Ostw r ald and of Hantzsch§ on catalysis 
by solutions of strong acids have been recently adduced as 
evidence of such an effect. A selection of these results is given 
in Table XIV. 

Table XIV 


Inversion of cane sugar at 25° 

Values of 10 3 kjc. I* = first-order constant. 


c = 

0*01 

0-1 

05 

10 

2-0 

4-0 

HC1 

313 

3-34 

4-34 

5-73 

8-95 

24-5 

HBr 

3-18 

3-41 

4-47 

6-83 

11-75 

41-0 

hcio 4 

• • 

« • 

5-08 

7-10 

14-15 

51-8 

HNOj 

♦ % 

• ♦ 

4*38 

5-83 

8-02 

17-1 

C,H 5 .SO s H 

• • 

« • 

4*56 

610 

10-8 

« • 

cci 3 cooh 

• • 

• • 

3*29 

• • 

3-15 

3-15 


For the first five acids the increase in catalytic constant with 
concentration and the individual differences between the acids 

t Bronstod and King, J. 4m. Chctn. Soc . 47, 2523, 1925. 

J For references see p. 23. 

§ Hantzsch and Weissberger, Z. physikal. Chem. 125, 261, 1927. 
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seem rather large to attribute to salt effects. On the other 
hand, we do not know the contribution of the salt effect or the 
concentrations of undissociated molecules (if any): hence it is 
impossible to make even a qualitative estimate of any catalytic 
effect which these molecules may have. Moreover, it has been 
shown by Hammettf that the velocities in HOI, HCIO,, and 
HN0 3 solutions are directly proportional to the ‘acidity func¬ 
tion’ derived from indicator measurements (cf. p. 35), which 
makes it improbable that there are any specific catalytic effects 
due to undissociated molecules. In the case of trichloracetic 
acid it will be seen that the catalytic constant remains prac¬ 
tically unchanged, although dissociation is undoubtedly incom- 
plete at the higher concentrations. This may well be because 
the medium effect found with the stronger acids just counter¬ 
balances the effect of incomplete dissociation. On the other 
hand, in this case the velocity increases much more rapidly 
than the indicator acidity, so that there is some justification 
for supposing that the undissociated trichloracetic acid mole¬ 
cules have some catalytic effect. It seems clear, however, that 
for most purposes the inversion of cane sugar can be regarded 
as an example of specific hydrogen-ion catalysis. 

The decomposition of diacetone alcohol. This is a reversible 
reaction 

CH 3 COCH 2 C(CH 3 ) 2 OH ^ 2CH 3 COCH 3 


which, however, goes practically to completion in dilute solu¬ 
tions. It is catalysed by bases, and data have already been 
given to illustrate the direct proportionality between the velo¬ 
city and the hydroxyl-ion concentration in solutions of strong 
bases (Table IV, p. 13). A large amount of work has also been 
done on the primary salt effect, especially in concentrated salt 
solutions .X The evidence for catalysis by basic species other 
than the hydroxyl ion is conflicting. French§ was unable to 
detect catalysis by the strongly basic phenoxide ion, or by 
water molecules. On the other hand, the results of Miller and 


t Hammett and Paul, J. Am. Chem. Soc. 56, 830, 1934. 
X For references see p. 23. 

§ French, J. Am. Chem. Soc. 51, 3215, 1929. 
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Kilpatrickf for buffer solutions of amines seem to indicate 
catalysis by the amine molecules, though there appears to be 
no relation between the basic strength of the amines and the 
catalytic power of their molecules (cf. next chapter). All in¬ 
vestigations of this reaction have been carried out by a dilato- 
metric method, and it seems possible that there is an undetected 
reaction between the amines and the diacetone alcohol. Further 
investigation would be desirable, as the reaction is a convenient 
one for determining hydroxyl-ion concentrations. 

The hydrolysis of esters. In spite of the enormous amount of 
work which has been done on this type of reaction, it is still 
not certain how far there is detectable catalysis by acid or basic 
species other than the ions OH^ and OH~. It has already been 
shown (pp. 50-1) that the ‘dual theory’ treatment of this 
reaction by Taylor and others is not valid in the light of modem 
views on electrolytes, and that their results afford no evidence 
of catalysis by undissociated acid molecules. More interest 
attaches to measurements by Dawson J on the hydrolysis of 
ethyl acetate in solutions containing 0*1 N acetic acid and 
increasing amounts of sodium acetate. The velocity passes 
through a minimum at about 0*35 N sodium acetate, and the 
minimum velocity is about five times as great as the calculated 
catalysis by OH^" and OH“ ions (using the classical mass law 
for calculating the concentrations of these ions). Although the 
actual figure would be changed somewhat by taking into 
account primary and secondary salt effects, it seems clear that 
the greater part of the discrepancy must be attributed to cata¬ 
lysis by other species present in the solution, i.e. CH 3 COOH, 
CH 3 COO“, or H 2 0. Dawson considers that only the first two 
of these catalyse, and gives quantitative estimates for their 
catalytic effects. However, he applies the classical law of mass 
action to solutions with salt concentrations varying from zero 
to 2-5 N, and neglects primary salt effects in the same solutions, 
so that it may be doubted whether his apportionment of the 
catalytic effect is even qualitatively correct. In particular it 

t J. G. Miller and Kilpatrick, J. Am. Chem. Soc. 53, 3217, 1931. 

j Dawson and Lowson, J. C)iem. Soc . 2444, 1927. 


GENERAL ACID-BASE CATALYSIS 


K 1 


may be noted that the concentration of undissociated acetic 
acid molecules is practically constant throughout, so that the 
effect which he attributes to these molecules might be equally 
well due to water molecules. 

In another paperf Dawson has studied the hydrolysis of ethyl 
acetate in chloracetatc buffers, and concludes that the undis¬ 
sociated monochloracetic acid molecule has a catalytic effect. 
Primary and secondary salt effects have been correctly allowed 
for in principle either by keeping the total salt concentration 
constant, oi by applying a correction from measurements in 
sodium chloride solutions. Unfortunately, however, the salt 
concentrations employed are so high (up to I X) that both the 
primary and secondary salt effects may depend largely on the 
nature of the ions present. This circumstance is important, 
since Dawson’s treatment assumes that the effect of a given 
concentration of acetate ions is the same as that of an equal 
concentration of chloiide ions. 1 hus in the most concentrated 
buffer solution (0-1 N acid, 1 X salt) the velocity attributed to 
the undissociated acid is 35 per cent, of the whole, while the 
primary and secondary salt effects in 1 N Nat ’1 are 25 and 50 
per cent, respectively. It is not unlikely that these effects are 
sufficiently different in 1 N sodium acetate to account for the 
35 per cent, change in velocity. It thus seems very doubtful 

whether there is any catalysis by the undissociated acid in 
aqueous solution. 

t Ibid. 303, 1929. 
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CHAPTER V 


RELATIONS BETWEEN CATALYTIC POWER AND 

ACID-BASE STRENGTH 


(a) The Bronsted relation 

In view of the qualitative correlation between the acid-base 
properties of a species and its ability to act as a catalyst, it is 
reasonable to expect that there may also be a quantitative 
relation between the acid-base strength of a species and its 
catalytic constant for a given reaction. Such a relation becomes 
still more likely when we consider the more intimate mechanism 
of acid-base catalysis. It will be shown later (Chapter VII) that 
the essential step in catalysis always involves the transfer of 
a proton between the catalyst and the substrate. The dissocia¬ 
tion equilibrium used to measure the strength of an acid or 

base, e.g. 

CH 3 C00H+H 2 0 ^ CH 3 COO-+OH 3 +, 

also involves the transfer of a proton, so that a comparison 
between catalytic constants and electrolytic dissociation con¬ 
stants constitutes a comparison between two very similar 
reactions. 

The first suggestion as to the form of such a relation was 
made by H. S. Taylor,f who proposed for catalysis by undis¬ 
sociated acid molecules the universal relation 



where k ± is the catalytic constant of the acid, K A its dissocia¬ 
tion constant, and k u the catalytic constant of the hydrogen 
ion for the same reaction. Taylor applied this relation to the 
then accepted values for catalytic constants for a number of 
reactions and solvents, and obtained a very rough agreement. 
However, of the seventeen values taken by Taylor, only four 
(those for the iodine-acetone reaction) can be regarded as even 


f Taylor, Z. Elektrochem. 20, 201, 1914. 
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approximately correct, and most of the others refer to reactions 
which are not now believed to exhibit general acid catalysis. 

A satisfactory relation of this type was first proposed and 
verified by Bronstcd and Pedersenf in their work on the decom¬ 
position of nitramide. Their equations are 


Ki = a a K'a (i) 

for acid catalysis, and analogously 

/•„= a B K»„=G B {\IK A )» ( 2 ) 

for basic catalysis, where G , (or G n ) and a (or fi) are constant 
for a given reaction, solvent, temperature, and series of similar 
catalysts, a and ft are both positive and less than unity. This 
type of relation has proved to be of very wide application, and 
is commonly referred to as the Bronstcd relation. K t and K u 
measure the acidic or basic strength of the catalyst. As ex¬ 
plained in Chapter III, K A is conveniently represented by the 
dissociation constant of the acid, while K J} is best taken as 
the reciprocal of the dissociation constant of the corresponding 
acid. Any other choice of constants would not affect the form 
of equations (1) and (2), though the values of G A and G l{ would, 
of course, be changed. 


(6) The statistical effect 

In this chapter we shall deal chiefly with the experimental 
evidence supporting these relations, deferring a discussion of 
their theoretical basis to Chapters VII and VIII. It is, how¬ 
ever, convenient to describe here the so-called statistical effect , 
which is best explained by means of an example. Suppose we 
have as catalyst a carboxylic acid CH 3 (CH 2 )„COOH whose 
catalytic effect is given by equation (1), and we wish to com¬ 
pare with it a dibasic acid COOH.(CH 2 )„.COOH, where n is 
so great that the mutual effect of the two carboxyl groups is 
negligible. The tendency of the carboxyl groups to lose a proton 
will be essentially the same in the two acids, but the first dis¬ 
sociation constant of the dibasic acid (K' A ) will be twice that 
of the monobasic acid (K A ) f since the ion COOH. (CH 2 ), t . COO - 

f Bronstcd and Pedersen, Z. physikal. Chem. 108, 185, 1924. 
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can be formed by losing a proton from either end of the mole¬ 
cule. Similarly, the catalytic effect of the dibasic acid ( k J) will 
be twice as great as that of the monobasic acid ( k A ), since in 
the former case the substrate can approach either end of the 
acid molecule. This is not,. however, what is predicted by 
equation (1) as it stands, which gives 

k% (Kty 

k A \K a j 

The error can be removed if we reckon both the acid strength 
and the catalytic constant per carboxyl group , giving the 
observed result 


. 17 .* 

'i K A 


= G A (\K* A )« =G a K« a = k A . 

A similar problem arises if we compare the two acids 

COOH. (CH 2 ) n . COO~ (I) 


and 


COOH. (CH 2 ) n COOCH 3 (II), 


where again n is very great. In this case the tendency to lose 
a proton (and hence the catalytic effect) will be the same for 
the two acids: on the other hand, the dissociation constant of 
(I) will be only one-liaif that of (II), since the conjugate base 
COO - . (CH 2 )„. COO - has two points where a proton can be 
added, while COO~. (CH 2 ) n . COOCH 3 has only one such point. 
Here again the straightforward use of equation (1) will not pre¬ 
dict the facts correctly, and for the acid (I) it is necessary to 
divide the dissociation constant by two before inserting it in 
the equation. 

This treatment can be easily generalized. Thus, if we have 
a conjugate acid-base pair A and B in which A has^> dissociable 
protons bound equally firmly, while B has q equivalent points 
at which a proton can be attached, then it is easily shown that 
equations (1) and (2) must be rewritten in the more general 
form > j q \a 

04 k A • P) 


k 
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Similar equations can be developed for the case in which the 
various protons or points of attachment are not all equivalent, 
though in this case it is necessary to know the relative tendencies 
of losing or gaining a proton at the different points. 

The idea of the statistical factor was put forward in an incom¬ 
plete form by Bronsted and Pedersen (loc. cit.), and later stated 
correctly by BrOnsted.f In some cases there is no ambiguity 
in applying this factor, and the theory is borne out by the 
experimental data for catalysis and dissociation constants, e.g. 
for the mono- and dibasic carboxylic acids. Often, however, 
the values of p and q cannot be assigned unambiguously: thus 
the ion NH^ might be assigned either p = 1 or p = 4. We shall 
adopt the convention that the statistical factor p is used only 
when there are dissociable protons attached to p different 
atoms: i.e. p = 1 for NH 4 ‘ . while p — 2 for hydrogen peroxide 
H — 0 — 0 — H. Similarly, the factor q means that the molecule 
can accept a proton with equal ease at q different atoms.% The 
usage in the literature varies considerably, and our values will 

C) */ r 

sometimes differ from those in the original papers. The am¬ 
biguity is not usually important, since we shall see that equa¬ 
tions (3) and (4) only hold with any accuracy for series of 
catalysts of similar structure and hence identical p and q 
values. 


(c) The range of validity of the Bronsted equation 

We shall now illustrate the application of equations (3) and 
(4) to the reactions which have already been described in 
Chapter IV as exhibiting general acid-base catalysis. Refer¬ 
ences to the original papers have already been given, and will 
not be repeated. The catalytic constants k A and ^'b throughout 
refer to moles per litre, minutes, and decadic logarithms. 

The best documented instance of the Bronsted relation still 
remains the reaction for which it was first proposed, namely, 

t Bronsted, Chem. Rev. 5, 322, 1928. 

t These rules have been applied to the conventional chemical formulae, and 
the values would bo still further modified if resonance formulae were taken 
into account, e.g. for the carboxylate group. 
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the decomposition of nitramide. The data are collected in Table 
XV, which is divided into sections according to the charge type 
of the catalyst. The equations best representing the results are 
given at the head of each section, and the calculated values of 
Jc B are obtained from these equations. All the observed values 
of h B are from the work of Bronsted and his collaborators 
except those marked *, which are from the measurements of 
Baughan and Bell, and the somewhat uncertain value for the 
hydroxyl ion obtained by Marlies and LaMer. It will be seen 
that the Bronsted relation is well obeyed within each group for 
bases of the types B~, B = , and B°, but that the values of 0 *> 

B 

and f3 are appreciably different for each group. For the bases 
with two positive charges the agreement is much poorer, and 
the value of G B is much greater than for the other charge types. 
The value given for water will be discussed later. 

Table XV 

The decomposition of nitramide at 15° 


Ad / p \ 0*87 

Bases with two negative charges. — = 2*07 x 10 -5 ( ——I 

q \qK A ' 


Catalyst 

V 

9 

Ka 

k 

Obs. 

B 

Calc. 

Sec. phosphate ion 

2 

3 

5*8 x 10 -8 

86 

85 

Succinate ion 

1 

4 

2*4 X 10"® 

1*8 

2*0 

Malate ion 

1 

4 

7*8 x 10-« 

0*72 

0*68 

Tartrate ion 

1 

4 

4*1 X 10“* 

0165 

0*163 

Oxalate ion 

1 

4 

6*8 x 10“* 

0*104 

0100 


Bases with two positive charges. — 

9 


7*8 x 10 -3 



[Rh(NH 3 ) s {OH)] f+ 

1 

1 

1*38 x 10~ 6 

306 

490 

[Co(NH 3 ) s (OH>r+ 

1 I 

1 

2*04 x 10-« 

449 

360 

[Co(NH 3 ) 4 (H 3 0)(OH)]++ 

2 

1 

6*03 x 10"® 

328 

260 

[Co(NH s )j(H a O) a (OH)] ++ 

3 

1 

1*88 x 10~* 

135 

143 

[Al(H a O) 6 (OH)] ++ 

6 

1 

1*12x10-* 

121 

390 

[Cr(H a O) 6 (OH)]++ 

6 

1 

1*26 x 10' 4 

32-7 

53 

[Fo(H 3 0) 6 (OH)]++ 

6 

1 

6*3 x 10“ 3 

2*3 

2-5 
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k' n l j) \° R0 

Bases with one negative charge. — = 7-2 x 10~ r, {-) 

7 V'V 


Catalyst 

V 1 

- .. 

7 


K 

A 

k 

Ohs. i 

n 

('air. 

(Hydroxyl ion 

1 

o 

11 

X 

1 

1 x 10« 1 

1 X lo 9 ) 

♦Trimothylacetato ion 

1 

2 

01 

X 

10 * 

0*822 

0*00 

Propionate ion 

1 

*# 

1-3 

X 

lo~ 5 

0*010 

0*00 

Acetate ion 

1 

*> 

A# 

l*s 

X 

1 0 -a 

0*501 

0*51 

Acid succinate ion 

o 

*> 

A# 

6-5 

X 

10 5 

0*320 

0*32 

Phenylacotate ion 

1 

2 

5*3 

X 

lo 5 

0*232 

0*220 

Benzoate ion 

1 

o 

4m 

o*. r > 

X 

10-* 

0*180 

0*180 

Formate ion 

1 

o 

2-1 

X 

10-* 

0*0822 

0*072 

Acid malato ion 

o 

4k# 

2 

40 

X 

10 -4 

0 0705 

0*070 

Acid tartrate ion 

*) 

o 

A# 

0-7 

X 

10* 

0*0303 

0030 

Acid phthalato ion 

2 

o 

1-2 

X 

10 3 

0*0200 

0*0315 

Salicylate ion 

1 

2 

10 

X 

10“ 3 

0*0200 

0*0208 

♦Monochloracetnte ion 

1 

2 

1-4 

X 

I0" 3 

0*0158 

0*0105 

Prim, phosphate ion 

3 

O 

7-6 

X 

10“ 3 

0*0070 

0*0090 

♦o-Nitrobenzoato ion 

l 

2 

7-3 

X 

10' 3 

0*0042 

0*0044 

Dichloracetttte ion 

l 

‘> 

A# 

5*0 

X 

10" 2 

0*0007 

0*00002 


Uncharged bases. /> = q = 1 throughout. 


— = 1-70 X 10-« 
7 



0 :j 




k 

n 

Catalyst 


Obs. 

Calc. 

p-Toluidine 

m-Toluidine 

Anilino 

o-Toluidine 

p-Chloraniline 

m-Chloraniline 

o-Chloraniline 

Water 

7*0 x 10- a 
1*5 x 10~ 5 
2*0 x 10 _s 
2*9 x 10 _s 
9*1 x 10" 5 
3*0 x 10-* 
2*1 x 10“ 3 
55*5 

1-10 

0*04 

0*54 

0*38 

0*21 

0*081 

0*018 

0*8 x 10-® 

1 24 

0*70 

0*57 

0*41 

0*18 

0*074 

0*017 

8*2 x 10-® 




In the case of the nitramide decomposition the results for 
three of the classes of bases obey the Bronsted relation so 
accurately that it is possible to detect fairly small numerical 
differences between the relationships valid for these classes. In 
most other reactions the concordance is not so good for any 
one class, with the result that any differences between classes 
of catalysts are masked. Under these conditions it is only pos¬ 
sible to give a single equation which is approximately valid for 
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all classes of catalyst. An example of this is afforded by the 
mutarotation of glucose , the data for which are collected in 
Table XVI, the catalysts being arranged in order of decreasing 
basic strength. 

Table XVI 

The mutarotation of glucose at 18°. Basic catalysis 

Authors', (a) Bronsted and Guggenheim. (6) Westheimer. (c) Lowry and 
Wilson (20°). (d) Smith (extrapolated from data at 0—15°). 

kj> ( p \°* 40 

Calculated values from — — 3*3 X 10 4 (— —- ) 

q \qK A J 


Catalyst 

P 

q 


10 * k B 

Obs. 

Calc. 

1 (c) Hydroxyl ion 

1 

l 

11 x 10- 16 

3*8x10* 

7*4x10® 

2 (d) Glucosate ion 

5 

l 

6*5 x 10” 13 

3*1 x 10 4 

4*3 x 10 4 

3 ( d ) Phenoxide ion 

1 

l 

1-1 X 10- 10 

4*4 x 10 3 

3*0 X 10* 

4 (6) Histidine 

1 

2 

6*2 x 10“ 7 

205 

144 

5 (6) a-Picoline 

1 

1 

4-2 x 10~ 7 

52 

87 

6(a) [Co(NH 3 ) 5 OH] ++ 

1 

1 

2-0 x 10-» 

(780) 

(60) 

7 (a) Pyridine 

1 

1 

7*4 x 10“® 

82 

36 

8 (a) Trimethylacetate ion 

1 

2 

9*4 X 10 -fl 

31*4 

50 

9 (a) Propionate ion 

1 

2 

1*3 x 10~ 6 

28*1 

44 

10 (6) Quinoline 

1 

1 

1*4 X 10 -s 

30 

18 

11(a) Acetate ion 

1 

2 

l*8x 10" 5 

26*5 

38 

12 (a) Phenylacetate ion 

1 

2 

5*3 X 10" 5 

20*0 

26 

13 (b) Glutamate ion 

2 

2 

6*0 X 10 -5 

25 

32 

14 (a) Benzoate ion 

1 

2 

6*5 x 10 -5 

15*2 

23 

15 (a) [Cr(H g O) 6 OH] ++ 

6 

1 

1-3 X 10-* 

(410) 

(25) 

16 (a) o-Toluate ion 

1 

2 

1*3 x 10“ 4 

12*2 

18 

17 (a) Glycollate ion 

1 

2 

1*5 X 10- 4 

13*7 

17 

18 (6) Aspartate ion 

2 

2 

1*5 x lO" 4 

23*5 

24 

19 (6) Hippurate ion 

1 

2 

1*6 x 10 -4 

11*2 

16 

20 (a) Formate ion 

1 

2 

2*1 x 10 -4 

16*5 

15 

21 (6) a-Alanine 

1 

o 

Ad 

3*2 x 10 -4 

15*9 

13 

22 (a) Mandelate ion 

1 

2 

4*3 x 10 -4 

10*8 

10*3 

23 (a) Salicylate ion 

1 

2 

1*0 x 10 -s 

4*6 

8*0 

24 (a) o-Chlorobenzoate ion 

1 

2 

1*3 x 10~ 3 

6*4 

7*1 

25 (a) Chloroacetate ion 

1 

2 

1*4 x 10~ 3 

6*4 

6*7 

26 (a) Cyanacotate ion 

1 

2 

3*5 x 10 -3 

3*8 

4*8 

27 (6) p-Benz-betaine 

1 

2 

3*9 x 10“ 3 

6*0 

4*6 

28 (6) Sarcosino 

1 

2 

7*4 X 10“ 3 

6*5 

3*6 

29 (6) Lysine-HCl 

1 

2 

8*3 xlO" 8 

6*2 

3*5 

30 (6) Arginine-HCl 

1 

2 

1*2x10-* 

6*5 

3*0 

31 (a) Sulphate ion 

1 

4 

1*3 X 10“* 

4*0 

3*9 

32 (6) Proline 

1 

2 

1*3 x 10”* 

3*2 

2*8 

33 ( b ) Dimethylglycine 

1 

2 

1*4 x 10"* 

3*6 

2-8 

34 (6) Betaine 

1 

2 

1*5 x 10“* 

2*7 

2-7 

35 (a) Water 

1 

1 

65*6 

% 

0*096 

0-066 
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If we except the hydroxyl ion and the complex metallic cations, 
it will be seen that the catalytic effect of the remaining thirty- 
two bases is given by the BrOnsted relation within a factor of 
two. Although this agreement is not nearly so good as in tlie 
case of nitramidc, it should be noted that the basic strengths 

O 

cover a range of 10 15 , the catalytic constants a range of 10 fl , 
and that the catalysts include uncharged molecules, ions with 
one and two negative charges, and zwitterions with positive, 
negative, and zero net charge. There is a slight general tendency 
for the catalytic effect to increase with an increase in the 
positive charge or a decrease in the negative charge of the cata¬ 
lyst, though this tendency is only of the same order of magni¬ 
tude as the individual variations in each case. In the case of 
the two ions with two positive charges, however, the catalytic 
effect is more than ten times what would be expected from 
their basic strength. The general behaviour is illustrated by 
Fig. 7, the numbers of the points corresponding to those in 
Table XVI. 


The mutarotation of glucose is also catalysed by acids, and 
Brtfnsted and Guggenheim obtained catalytic constants for the 
hydrogen ion and for eight carboxylic acids, while Lowry and 
Smith have measured the catalytic effect of the NH 4 f ion. The 
results are in fair agreement with a Brousted relation having 
an index of 03. 

The data for the other acid-base catalysed reactions men¬ 
tioned in Chapter IV all show fair agreement with the Bronsted 
relation, the degree of concordance being usually better than 
for the mutarotation of glucose, but worse than for the nitra- 
mide decomposition. None of these reactions has been investi¬ 
gated in such detail as the two already described, and we shall 
therefore not deal with them singly. We shall, however, give 
the data for acid catalysis in the iodination of acetone , since this 
is the best investigated case of acid catalysis, and Dawson 
himself does not give any quantitative relation. Most of the 
data are taken directly from Dawson’s papers, but his values 
for dichloracetic and a-/Tdibromopropionic acids have been 
recalculated as described on p. 54. The values marked with 

4503 xr 
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an asterisk are those obtained by Lidwell and Bell, and the 
value for the HSO^" ion is taken from the results of Rice and 
Urey.t If should be noted that Dawson’s results are expressed 
as the initial rate of change of the molar iodine concentration 



Fig. 7. Basic catalysis in the mutarotation of glucose. 


in a solution containing 20 c.c. of acetone per litre (= 0-273 
molar). In order to convert them to first-order velocity con¬ 
stants (decadic logarithms) they must therefore be multiplied 
by the factor log 10 e/0-273 = 1-59. The results are summarized 
in Table XVII. It will be seen that catalysis by neutral 
carboxylic acids is well represented by a relation of the BrOnsted 
type, while the negatively charged ions HSO^" and COOH. C00~ 
are considerably more effective catalysts than would be ex¬ 
pected from this relation. The effect of the charge on the 

•f Rico and Uroy, J. Am* Chem. Soc. 52, 95, 1930. 
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catalyst is thus the opposite of that found in the two cases of 
basic catalysis already considered. 


Table XVII 


Acid catalysis in the iodination of acetone at 




25° 


Calculated values from 



I ’20 x 



0 62 


Catalyst 

V 


Ka 

1C 

Ohs. 

' 9 *a 

Calc. 

Hydrogen ion 

1 

i 

55*5 

739 

14,300 

Oxalic acid 

2 

2 

r>-7 x nr 2 

330 

400 

Dichloracotic acid 

i 


5*5 x 10~ 2 

220 

270 

a-/?-Dibromopropionic acid 

i 

2 

0-7 x in- 3 

G3 

r»4 

Monoehloracetie acid 

i 

2 

1*41 x 10 -3 

3f) 

32 

♦Monochloracotic acid 

i 

o 

A* 

1*41 x Kr 3 

33 

32 

Glycollic acid 


2 

1 f>4 x l(r 4 

91 

7-9 

♦Glycollic acid 

i 

2 

1*54 x Hr 4 

8-4 

7-9 

jS-Chloropropionic acid 

i 

*> 

101 X Hr 4 

G-9 

G-2 

Succinic acid 

2 

2 

C-5 x 10“ 5 

G-8 

GO 

Acetic acid 

i 

o 

1-78 x 19 -6 

21 

2 1 

♦Acetic acid 

i 

o 

1-78 x 10 -5 

2-G 

2 1 

Propionic acid 

i 

2 

1*34 x 10“ 5 

1*7 

18 

♦Trimethylacetic acid 

i 

o 

1 

X 

• 

1-9 

1*5 

Acid sulphate ion 

i 

4 

103 x Hr 2 

550 

1 Gf» 

Acid oxalate ion 

i 

4 

G-8 x 18" 5 

21 

12 


(d) Catalysis by the hydrogen ion, the hydroxyl ion, and 
the water molecule 

It has been shown in Chapter III that these species do not 
differ in principle from other acids and bases, and we might 
therefore expect that their catalytic power would be governed 
by the same quantitative laws. There are, however, certain 
difficulties in testing how far this is the case. In the first place, 
although the acid-base strength of these species can be defined 
roughly by putting 

i^(H 2 0) = 1-79 X 10 -16 (25°), A^(OH 3 +) = 55-5, 

the exact quantitative significance of these figures is doubtful, 
since they involve the concentration of water molecules in pure 
water (55*5 moles/litre). The same difficulty arises in comparing 
the catalytic effect of the water molecule with that of other 
catalysts, its catalytic constant being normally obtained by 
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dividing the ‘spontaneous* rate by 55*5. In any case, the pre¬ 
diction of the catalytic effects of H 2 0, OH^, and OH- from 
data for other catalysts normally involves extrapolations of at 
least six powers of ten: hence a very small uncertainty in the 
value taken for the exponent a causes a large uncertainty in 
the predicted catalytic constants. In view of these various 
factors no great weight can be attached to the presence or 
absence of exact agreement between the observed and cal¬ 
culated values. 

Table XVIII gives the observed and calculated values of 
k Ht o and &oh“ for a number of reactions. The water molecule 
is in each case acting as a base. The values for the decomposi¬ 
tion of nitramide and the mutarotation of glucose are those 
given in Tables XV and XVI, while those for the halogenation 
of ketones are from work by Bell and Lid well.*)* 

Table XVIII 


Catalysis by hydroxyl ions and water molecules 


* 

Reaction 

*H,0 

&OH- 

Obs . 

Calc . 

Obs. 

—■ --- 

Calc. 

Decomposition of nitramide 

6-8 x 10~ 6 

8-2 x 10 -6 

1-0 x 10* 

l-0x 10 9 

Mutarotation of glucose 

9-6x lO" 5 

6-6 x 10 -5 

3-8 x 10 3 

7-4 x 10 2 

Iodination of acetone 

5*0x 10" 10 

8-Ox lO" 11 

1-5 x 10 

5-2 X 10 4 

Iodination of acetonylacetone 

2-5 x 10" 9 

1-5 x 10 -10 

1-0 X 10 2 

5-5 x 10 6 

Iodination of monochloro- 

5-8 x 10“ 8 

2-6 x lO" 8 

5-6 x 10 2 

1*5 X 10* 

acetone 





Iodination of monobromo- 

2-9 x 10~ 7 

4-4 x 10" s 

*9 

o 

rH 

X 

a 

f—« 

1-0 x 10 7 

acetone 





Bromination of dichloro- 

7-9 x 10~ 7 

3-0x 10~ 7 

2-7 x 10 4 

1-4 xlO 7 

acetone 





Bromination of acetoacetic 

1-3 x 10~ 3 

4-3 x10 -3 

• • 


ester 





Bromination of acetylacetone 

1-2 x 10-2 

6-9 x10 -3 

• « 

• • 

Bromination of acetoacetic 

1-4 x 10-* 

6-5 x lO” 1 

• • 


acid 






For basic catalysis by water molecules the observed and 
calculated values agree to within a power of ten, which is 
probably within the error of the extrapolation. This good 
agreement may be partly due to the fact that the concentration 

f Bell and Lidwell, Proc. Roy . Soc. A, 176, 88, 1940. 
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55-5 moles/litre enters equally into the calculation of the cata¬ 
lytic constant and of the basic strength, so that any uncertainty 
attached to this figure will to some extent cancel out in the 
comparison. In any case, the agreement found confirms the 
view that basic catalysis by water molecules is adequate to 
account for the ‘spontaneous’ reaction, which thus proves to 
be of the same nature as the ordinary catalysed reaction. In 
fact, the occurrence of a measurable ‘water reaction’, together 
with catalysis by hydrogen or hydroxyl ions, is sufTieicnt to 
characterize a reaction as being catalysed by acids or bases in 
general. Only one reaction is known which shows a water 
reaction and hydrogen-ion catalysis but no catalysis by other 
acids,| and in this case the elements of water probably take 
a direct part in the reaction. 

Except for the mutarotation of glucose, the observed values 
for catalysis by the hydroxyl ion are in every case smaller than 
the calculated values, often by three or four powers of ten. It 
seems probable that this is a real effect, i.e. that the Bronsted 
relation is not applicable over a very wide range of basic 
strength. Theoretical reasons for believing this to be the case 
are given in Chapter VIII. 

At present there are few reactions for which the catalytic 
effect- of the hydrogen ion can be satisfactorily compared w ith 
a Bronsted equation derived from data for other catalysts. In 
the acetone-iodine reaction Table XVII shows that the observed 
value is about twenty times smaller than the calculated value. 
Similarly, in the reaction of iodine with phosphorous and hypo- 
phosphorous acidsj the catalytic effect of the hydrogen ion is 
respectively ten and thirty times smaller than the calculated 
value. 

If we assume the approximate validity of the Bronsted rela¬ 
tion for the ions and molecules of the solvent it is possible to 
make some interesting deductions on the possibility of detecting 
general acid-base catalysis .§ The point is best illustrated by 


f Pedersen, J. Amer. Chem. Soc. 53, 18, 1931. 

t Griffith and McKeown, Trans. Farad. Soc. 36, 760, 1940; Griffith, 
McKeown, and Taylor, ibid. 36, 752, 1940. 

§ Cf. Bronsted and Wynne-Jones, ibid. 25, 59, 1929. 
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taking a particular case, e.g. acid catalysis in a solution 0*1N 
with respect to both acetic acid and acetate ions. Table XIX 
shows the approximate relative contributions made to the total 
velocity by the catalysts OH^, H 2 0, and CH 3 COOH, assuming 
different values for the exponent a in the BrOnsted equation. 


Table XIX 

Catalysis in 0-1 N CH 3 COOH+0-1 N CH 3 COONa 


Exponent 

! Proport 

ion of catalysis due to 

OHj 

h 2 o 

CH 3 COOH 

a. = 0 * 1 

0 - 002 % 

98% 

2 % 

a. = 0*5 

3*6% 

0 * 01 % 

96-4% 

a — 1-0 

99-8% 

5 x 10 -12 

0 - 2 % 


When a = 0*1 most of the catalysis is due to the solvent, and 
the reaction would in practice be regarded as uncatalysed, 
since the rate is but little increased even in solutions of strong 
acids. When a — 0-5 the rate in the buffer solution is largely 
due to the undissociated acetic acid, as could be verified by 
varying the buffer concentration and keeping its ratio constant. 
On the other hand, the catalytic effect of OH^ could be 
measured independently in solutions of strong acids, and the 
‘spontaneous’ reaction in solutions sufficiently alkaline to re¬ 
press the effect of the hydrogen ions. This case is thus a 
favourable one for the study of general acid catalysis. Finally, 
if a = 1, the catalytic effect of the buffer solution is almost 
entirely due to the hydrogen ions it contains, and it is clear 
that no experiments could detect with certainty catalysis by 
acetic acid molecules. Further, the water-catalysed reaction is 
so slow that it would be impossible to detect it. The reaction 
would thus be interpreted as a case of specific catalysis by 
hydrogen ions. 

This treatment is easily generalized, and leads to the con¬ 
clusion that general acid catalysis will only be detectable for 
intermediate values of the exponent a. If a is too small the 
catalytic effect of acids will be swamped by that of the solvent, 
and the reaction will appear to be uncatalysed, while if « 
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approaches unity the effect of all other acids will he masked 
by that of the hydrogen ion, and the reaction will appear to 
be a case of specific hydrogen-ion catalysis. Similar conclusions 
apply to basic catalysis. It is therefore possible that the cases 
of specific catalysis by OH 3 f or OH", mentioned in the last 
section, do not constitute a special class of reaction, but only 
represent extreme cases of general acid-base catalysis in which 
the exponent of the BrOnsted relation approaches unity. These 
considerations do not, of course, affect the applicability of these 
reactions in practice for measuring hydrogen- and hydroxyl-ion 


concentrations. 



CHAPTER VI 


ACID-BASE CATALYSIS IN NON-AQUEOUS 

SOLVENTS 

(а) Introduction 

It might be expected that catalysis by acids and bases in 
non-aqueous solvents would in general obey the same kind of 
laws as those which have been established for aqueous solutions. 
Little work had been done in this field until comparatively 
recently, but this expectation has now been verified in a number 
of cases. The modifications involved in passing from aqueous 
to non-aqueous solutions may be divided into three classes: 

(i) The solvent itself often plays an important part in acid- 
base equilibria, so that the nature and quantity of the 
catalytic species present will often be affected by the 
nature of the solvent. 

(ii) For a given reaction the catalytic effect of, a particular 
species will depend on the nature of the solvent. This 
is a special case of the general problem of the effect of 
the solvent on reaction velocity, and will only be touched 
upon here. 

(iii) When water is replaced by solvents of less polar character 
and lower dielectric constant all effects due to interionic 
or intermolecular attractions are increased. The latter 
type of effect (conveniently described as ‘association’) is 
barely appreciable in aqueous solutions, and its appear¬ 
ance in non-aqueous solvents introduces a fresh type of 
complication, both in equilibria and kinetics. 

The nature of acid-base equilibria in non-aqueous solvents 
will be discussed first, after which the experimental data will 
be reviewed with special reference to the above points. 

(б) The role of the solvent in protolytic equilibria 

It has been shown in Chapter III that a large number of 
typical acid-base reactions in aqueous solution involve the co¬ 
operation of the water molecule either as an acid or as a base. 
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This behaviour will, of course, be modified by a change of 
solvent, and will depend particularly on the acidic or basic 
properties of the solvent molecule. 

A number of other solvents, notably the alcohols, resemble 
water in behaving both as acids and as bases, her example, 
acetic acid and ammonia dissociate in alcohol solution according 
to the equations 


CH3COOH + ROH ^ CH3COO-+ROH.; 
NH 3 +ROH ^ NH + + RO" 

in complete analogy with the corresponding reactions in water. 
Such solvents may be termed amphiprotic , since they are able 
either to lose or to gain a proton. There will, of course, be 
quantitative differences between water and other amphiprotic 
solvents: thus the alcohols arc at the same time weaker acids 
and weaker bases than water, so that the degree of protolysis 
of both acids and bases is smaller in alcohol solution than in 
water. For the same reason the range of acids and bases which 
can exist in appreciable concentration in alcoholic solution is 
greater than in aqueous solution. For example, nitric acid is 
almost a ‘strong’ acid in water, but is only dissociated to a 
small extent in methyl alcohol.| 

A much greater change of behaviour is found if we deal with 
strongly acid solvents having very weak basic properties. Good 
examples of this class are anhydrous acetic and formic acids, 
which have been recently investigated in some detail and are 
often referred to as ‘super-acid’ solvents.J Thus it is found 
that the term ‘strong acid’ has no meaning in glacial acetic 
acid, since acids which are completely dissociated in water give 
widely differing electrometric titration and conductivity curves 


t Murray-Rust and Hartley, Proc. Roy. Soc. A, 126, 84, 1920. 

J See e.g. Conant and Hall, J. Amcr. Chem. Soc. 49, 3047, 3062, 1929; 
Conant and Bramann, ibid. 50, 2305, 1928; Hall and Werner, ibid. 50, 2367, 
1928; Conant and Werner, ibid. 52, 4436, 1930; Hantzscb and Langbein, 
Z. onorg. Chem. 204, 193, 1932; Hall and Vogc, J. Am. Chem. Soc. 55, 239, 
1933; Eiclielberger and LaMer, ibid. 55, 3635, 1933; Kolthoff and Willan. 
ibid. 56, 1007, 1934; Weidtner, Hutchinson, and Chandlee, ibid. 56, 1285, 
1934; Hammett and Dietz, ibid. 52, 4795, 1930; Hammett and Deyrup, ibid. 
54, 4239, 1932. 
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in this solvent, and hence only react incompletely according to 

the equation 

HX+CH 3 COOH ^ CH 3 COOH++X-. 

In aqueous solution there are no electrically neutral bases 
which are ‘strong’ in the same sense as the strong acids, i.e. 
which react completely with water according to the equation 

B + H 2 0 -> BH + +OH~. 

Such a ‘levelling effect’ does, however, take place in the acid 
solvents mentioned above: thus all bases which in water are 
stronger than aniline give identical titration curves in anhydrous 
acetic acid, and thus react completely according to the equation 

B + CH 3 COOH -> BH++CH 3 COO-. 

As a solvent intermediate in acidity between water and acetic 
acid, we may mention m-cresol, which has been investigated 
by Bronsted.t In this solvent only piperidine and a few ali¬ 
phatic amines behave as strong bases. Extreme cases of the 
acidic type of solvent are represented by hydrogen fluoridej 
and sulphuric acid (with or without the addition of some 
water).§ In these solvents basic properties are exhibited by 
substances which in water are regarded as neutral or acidic, 
e.g. esters, ketones, oximes, amides, alcohols, and even carb¬ 
oxylic acids. 

Analogous considerations apply to strongly basic solvents 
which have hardly any acidic properties (e.g. ammonia and the 
amines), where substances which are weak acids in water will 
undergo extensive protolytic reaction with the solvent. Rela¬ 
tively little work has, however, been done in this type of 
solvent, with the exception of the work of Goldschmidt and 
his collaborators with aniline and p-toluidine.|| The weakly 
basic solvent acetonitrile has also been investigated. 

t Bronsted, Delbanco, nnd Tovborg-Jensen, Z. physikal. Chem. 169 A, 361, 
1934. 

X For a general account of behaviour in this solvent see Simons, Chem . 
Bev. 8 , 312, 1931. 

§ See e.g. Hammett, ibid. 13, 61, 1933; Flexser, Hammett, and Dingwall, 
J.Am. Chcm . Soc. 57, 2103, 1935. 

|| Goldschmidt and Bakscht, Ann. 351, 108, 1907; Goldschmidt and 
Reinders, Ber. 29, 1366, 1899; Goldschmidt and Salcher, Z. physikal. Chem . 
29, 89, 1899. Kilpatrick and Kilpatrick, Chcm . f?ev. 13, 131, 1933. 
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Special interest attaches to a third group of solvents, which 
are unable either to lose or to accept a proton, and are therefore 
termed aprotic. The hydrocarbons and their halogen derivatives 
are the best examples of this class, though other non-aqueous 
solvents may often be regarded as aprotic for practical pur¬ 
poses. Since the solvent undergoes no react ion with eit her acids 
or bases, there is no limit to the strength of acids or of bases 
which can exist unchanged in aprotic solvents. The absence of 
any acidic or basic properties in the solvent makes it necessary 
to employ special methods for measuring acid-base strengths: 
these will be briefly referred to later (p. 107). 

The position of acid-base equilibria in different solvents de¬ 
pends not only on the acid-base properties of the medium, but 
also on its dielectric constant, since this last factor will influence 
the electrostatic energy of the ions.y However, for a qualitative 
discussion the acid-base character of the medium is by far the 
most important factor, and it may be noted that in media of 
low dielectric constant the ions produced do not exist separately 
in solution, but form ion pairs or larger aggregates, thus re¬ 
ducing the electrostatic energy and partly neutralizing the effect 
of the low dielectric constant. 


(c) Examples of acid-base catalysis in non-aqueous 
solvents 

It will be seen from the above brief account that we should 
expect the general laws of acid-base catalysis to be the same 
in non-aqueous solvents as in water, but that the actual species 
which are catalytically active will vary from one solvent to 
another. Further, the extent to which the solvent molecules 
themselves act as catalysts will, of course, depend on their 
acidic or basic character. These expectations have been in 
general realized, though the field has been very incompletely 
covered, partly owing to the experimental difficulties of working 
in solvents other than water. There are a large number of 
isolated observations on the catalytic activity of acids and bases 

t Cf. Bronstad, J. Phys. Chem. 30, 777, 1920; Bjerrurn and Larsson, Z. 
physical. Chem. 127, 35S, 1927; Wynne-Jones, Proc. Hoy. Soc. A, 140, 440, 

1933. 



100 


ACID-BASE CATALYSIS IN 


in non-aqueous solvents, but we shall only mention cases in 
which a thorough quantitative investigation has been carried out. 

Hydroxylic solvents. The behaviour of acids and bases in 
these solvents is qualitatively very similar to that in water. 
However, the quantitative interpretation of kinetic data is more 
difficult, partly because of the scarcity of accurate measure¬ 
ments of acid-base equilibria, and partly because the lower 
dielectric constants greatly increase the magnitude of both 
primary and secondary salt effects. We have already discussed 
from this point of view (pp. 56-9) the esterification reaction 
and the alcoholysis of diazoacetic ester in methyl and ethyl alcohols . 
The original work of Goldschmidt on the esterification reaction 
can be chiefly interpreted in terms of specific catalysis by the 
solvated hydrogen ions CH 3 OH^ and C 2 H 5 OH^ .*j* However, 
recent work on the esterification of weak acids in a number of 
different alcohols shows that in the absence of added catalyst 
the reaction is of the second order with respect to the acid, and 
hence that in these cases the undissociated acid molecule is the 
chief catalyst.J On the other hand, all the available data for 
the alcoholysis of diazoacetic ester are consistent with the 
assumption of specific hydrogen-ion catalysis. The same applies 
to the formation of acetal in ethyl alcohol,§ where a very large 
salt effect was observed. The inversion of menthone || is one of 
the few investigated cases of basic catalysis in alcohol solution. 
The results only demonstrate catalysis by the ion OEt~. 

General basic catalysis has been studied in the decomposition 
of nitramide in isoamyl alcohol .^[ Nothing quantitative is known 
about acid-base equilibria in this solvent, but it was fortunately 
possible to interpret the results without such knowledge. Thus 
in buffer solutions containing various substituted anilines the 
reaction velocity k was found to be directly proportional to 
the stoichiometric concentration m of the base, and independent 

j* Goldschmidt, Trans . Farad. Soc. 24, 662, 1928. 

X Rolfo and Hinshohvood, ibid. 30, 935, 1934; Hinshelwood and Legard, 

J. Chem. Soc . 587. 1935. 

§ Deyrup, J. Am*. Chem. Soc . 56, 60, 1934. 

|| Tubandt, Ann. 339, 41, 1905; 354, 259, 1907; 377, 303, 1910. 

f] Bi ousted and Vance, X. pltysikal. Chctn. 163 A, 240, 1933. 
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of the nature and concentration 
acid constituent of the buffer 


(over a certain range) of the 
(perchloric, trichloracetic, or 


hydrochloric acid). This is illustrated by Fig. 
plotted against m for four different bases. The 
reaction is so slow as to be almost negligible. 


8, where k is 
‘ spontaneous’ 



I. p-Anisidine. II. p-Toluidine. III. Aniline. IV. p-Chlornniline. 
Fia. 8. The decomposition of nitmmide in isoamyl uleohol. 


If the acid concentration is too great the velocity shows a 
slight increase. This is attributed to a slight acid catalysis, 
which is confirmed by measurements in solutions containing only 
acids. Measurements were also made in solutions of the sodium 
or tetramethylammonium salts of weak acids, buffered by the 
addition of varying quantities of strong acid. The anion of 
the weak acid was found to be the chief catalytic agent, though 
there was a small effect of acid concentration which was greater 
than could be accounted for by the experiments with solutions 

of acids alone. 
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Similar measurements have been made on the decomposition 
of nitramide in m-cresol ,f a considerably more acid solvent in 
which the ‘spontaneous’ reaction is undetectable. The results 
resemble those in isoamyl alcohol, but in the anion buffers the 
effect of the acid was much greater, and the nature of the cation 
(e.g. tetramethylammonium, isoamylammonium) had some 
effect. It was, however, possible to obtain reasonably accurate 
catalytic constants for nine amines and twelve carboxylate 
anions. 

Strongly acid solvents, The only relevant catalytic measure- 
ments in this type of solvent appear to be those of Conant and 
Bramann % on the acetylation of fi-naphthol in glacial acetic acid. 
The measurements are not very accurate, but indicate that 
there is probably general catalysis both by acids and by bases 
(i.e. by the species CH 3 COOH, CH 3 COOH^, CH 3 COO~, and 
pyridine). 

Strongly basic solvents . Here again there is little experimental 
material, the chief work being that of Goldschmidt and his 
collaborators using aniline and substituted anilines as solvents. 
In studying anilide formation § it was found that the reaction 
velocity was proportional to the second power of the acid con¬ 
centration. Owing to the absence of data for acid-base equi¬ 
libria in this type of solvent it is not possible to interpret this 
result with certainty. The reaction of the acid molecule to give 
anilide is clearly catalysed, but the catalytic agent may be 
either a second acid molecule or the ion C 6 H 5 NH^ formed from 
the acid and the solvent, or both. The same ambiguity exists 
in studying the rearrangement of diazoamino compounds in basic 
solvents.|| The reaction is catalysed by the addition of acids, 
but it is again impossible to decide how far catalysis is due to 
the acid molecules, and how far to the anilinium ions. 

Aprotic solvents. This type of solvent offers some points of 

t Brdnsted, Nicholson, and Dolbanco, Z. physikal. Chetn . 169 A, 379, 1934. 

^ Conant and Bramann, J. Am. Chcm. Soc, 50, 2305, 1928. 

§ Goldschmidt and Wachs, Z, physikal, Chem. 24, 353, 1898; Goldschmidt 
and Brauor, Ber. 39, 97, 1906. 

|| Goldschmidt and Reinders, ibid. 29, 1469, 1899, 1896; Goldschmidt, 
Johnsen, anil Overwien, Z. physikal. Chetn. 110, 251, 1924; Goldschmidt and 
Overwien, ibid. 134 A, 354, 1929; Goldschmidt, Z, Klektrochem, 36, 662, 1930* 
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special interest for the study of acid-base catalysis. In the first 
place, since the solvent takes no part in protolytic equilibria, 
there are no ions corresponding to the hydrogen and hydroxyl 
ions, so that catalysis by acids and bases must be ‘general’ in 
the sense in which we have already used this word. Further, 
the absence of protolytic reaction makes the interpretation of 
the results simpler. For example, if acetic acid is dissolved in 
water, the resulting solution contains the species CH 3 COOH, 
CH 3 C00“, OH 3 f , OH", and H 2 0, all of which may be cata- 
lytically active, while in a benzene solution of acetic acid the 
acetic acid molecule itself is the only possible catalyst. It is 
thus possible to study separately the catalytic effects of un¬ 


charged molecules through any range of acid or basic strength, 
there being no chance of the effects being obscured by the 
molecules or ions of the solvent. 


It should, however, be noted that the advantages of aprotic 
solvents are to some extent offset by other complications not 
present in aqueous solution, which may be roughly described 
as ‘medium effects’. In aqueous solution the only appreciable 
effects of this kind are the interionic ones, which are now fairly 
well understood. In solvents like benzene, however, both the 


thermodynamic and the kinetic behaviour show abnormalities 
which are not yet fully understood. Thus the carboxylic acids 
(constituting the most useful group of acid catalysts) arc largely 
associated in aprotic solvents, and little is known about the 
equilibria between double and single molecules. Further, in 
most of the reactions mentioned below, the velocity is not 
simply proportional to the first power of the concentrations of 
catalyst and substrate, but follows more complex laws. This 
may in some cases be due to chemical association, but it should 
also be remembered that in solvents of low dielectric constant 


there may be considerable kinetic medium effects due to dipole 
forces.f These factors must be taken into account in any com¬ 
plete interpretation of the results, but even in the absence of 
any such complete interpretation the data so far obtained offer 
many points of interest. 


| Cf. Bronsted and Bell, J . Am. Chan. Soc. 53, 2478, 1931. 
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Bronsted and Bellf investigated various reactions of diazo »- 
acetic ester in benzene solution. The reaction with carboxylic 
acids according to the general equation 

CHN 2 . COOC 2 H 5 +R. COOH R. CO. OCH 2 COOC 2 H 6 +N 2 

(measured by the rate of evolution of nitrogen) was found to be 
of the first order with respect to the diazoacetic ester, but ap¬ 
proximately of the second order with respect to the acid. The acid 
may thus be said to catalyse its own reaction, and this idea was 
confirmed by measurements with mixtures of acids, in which 
‘cross catalysis’ was found to take place. These results are not, 
however, of much quantitative value for studying the laws of 
catalysis, since a different reaction is taking place in each case.J 
Greater interest attaches to the results obtained for the reaction 
between diazoacetic ester and phenol according to the equation 

chn 2 . cooc 2 h 5 +c 6 h 5 oh -> C 6 H 5 OCH 2 .COOC 2 H 5 +N 2 , 

which is catalysed by all the acids used, its velocity being 
directly proportional to the concentrations of diazoacetic ester, 
of phenol, and of the catalysing acid used. Catalytic constants 
were obtained for six different acids, but their accuracy is low 
because it was always necessary to allow for the reaction of the 
acid itself with the diazoacetic ester. 

A more suitable reaction is the rearrangement of N-brom- 
acetanilide to give ^p-bromacetanilide, which has been studied 
in a number of aprotic solvents.§ Most of the work was done 
in chlorobenzene , which is frequently more convenient to use 
than the chemically similar solvent benzene, since it boils at 
132° and freezes at —45°, thus extending the range of tem¬ 
peratures which can be used and avoiding practical difficulties 
due to volatility of the solvent. Similar results were obtained 
in benzene, and a few measurements were made in six other 
solvents. As already mentioned (p. 49), the analogous trans- 

j* Cf. Bronsted and Bell, J. Am. Chetn. Soc. 53, 2478, 1931. 

J The same criticism applies (cf. v. Halban, Z. Elektrochem . 24, 201, 1918) 
to the investigations of Hontzsch {Z. Elektrochem. 24, 201, 1918; 29, 221, 
1923 ; 30, 194, 1926; Z. physikal. Chcm. 125, 251, 1927), who used the reaction 
of acids with diazoacetic ester in different solvents as a measure of their 
‘strengths'. § Boil, Proc . Roy. Soc. A, 143, 377, 1934. 
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formation of N-chloraoetanilide lias been extensively studied in 
aqueous media, where it is specifically catalysed by the halogen 
acids, tlie mechanism involving free halogen. Such a mechan¬ 
ism would not apply to carboxylic acids in non-aqueous solvents, 
and it has also been directly shown)' that free bromine plays 
no part in the rearrangement of N-bromaeetanilide in chloro¬ 
benzene. The reaction was found to be catalysed by six 
carboxylic acids and three phenols, and may therefore be taken 
as an example of general acid catalysis. The course of the 
reactions was strictly unimolecular, but the first-order con¬ 
stants were not in general directly proportional to the catalyst 
concentration, the ratio kjc decreasing with increasing acid con¬ 
centration. Later workj showed that the initial concentration 
of the N-bromaeetanilide also had some effect upon the first- 
order constants, but did not materially affect the conclusions 
of the first investigation. The analogous rearrangement s* of X- 
chhrace tan Hide and N-iodofonnanilidc have also been investi¬ 
gated in anisolc and chlorobenzene solution.§ In these cases the 
course of the single react ions was not strictly unimolecular, but 
if the initial rates were taken the velocity was found to be 
roughly proportional to the concentrations of both catalyst and 
substrate. It will be seen that while there are still some un¬ 
explained features in this type of reaction, the general nature 
of the catalysis is well established. 

The position is less clear for the dcpolymerization of par¬ 
aldehyde according to the equation 


CHo.CH CH.CH 


3CHoCH0, 


CH.CHg 

which has been studied in anisole, benzene, and nitrobenzene.|| 
In fairly dilute solution the reaction goes almost completely to 

t Bell, J. Chem. Soc. 1154, 1936. 

t Boll and Levinge, Proc. Roy. Soc. A, 151, 211, 1935. 

§ Bell and Brown, J. Chem. Soc. 1520, 1936; Bell and Danckwerts, ibid. 
1724, 1939. || Bell, Lidwell, and Vaughan-Jackson, ibid. 1792, 1936. 
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the right, and its course is unimolecular. It was followed by 
two methods, one dilatometric and one analytical. The reaction 
is catalysed by carboxylic acids and by hydrogen chloride, but 
the variation of velocity with acid concentration could not be 
expressed by any integral order. The 'apparent order’ (defined 
as d\ogk/dlogc) varied from 1-5 to 2-5, according to tempera¬ 
ture, solvent, and nature of catalyst. (It may be noted that 
the catalytic depolymerization of paraldehyde vapour by 
gaseous hydrogen chloride or bromide takes place as a wall 
reaction of the first order with respect to both reactants.)f The 
cause of this behaviour is still obscure. It was originally attri¬ 
buted to the presence of three basic oxygen atoms in the 
paraldehyde molecule, thus presenting three points of attach¬ 
ment for acid molecules, but the same type of behaviour has 
since been found in other types of reaction, and it is therefore 
doubtful whether this explanation is the correct one. 

Special interest attaches to the study of prototropic changes 
in ketones and similar substances, since these have been in¬ 
vestigated in some detail in aqueous solution (cf. p. 69). The 
halogenation method is not applicable to aprotic solvents, since 
the undissociated halogen acid produced exerts an enormous 
autocatalytic effect. It is, however, possible to measure the 
rate of racemization of optically active ketones, which has been 
shownJ to take place at the same rate as the halogenation. The 
inversion of menthone§ and the racemization of d-phenylmethyl - 
acetophenone and d-p)henylisobntylacetophenone\\ have been 
studied in chlorobenzene solution at 100°. All the carboxylic 
acids studied were found to catalyse, but there is not, in general, 
a linear relation between velocity and catalyst concentration, 
the ‘apparent order’ varying between about 0*7 and 1*3. A part 
of these complications is no doubt due to the complex formation 
between the ketone and the acid, which was studied particularly 
in the case of menthone. 

| Bell and Burnett, Trans. Farad. Soc. 33, 355, 1937. 

t Ingold and Wilson, J. Chan. Soc. 773, 1934; Hsii and Wilson, ibid. 623, 
1936; Bartlett and Stauffer, J. Am. Chan. Soc, 57, 2580, 1935* 

§ Bell and Caldin, J. Chem. Soc. 382, 1938. 

|| Bell, Lidwoll, and Wright, ibid. 1861, 1938. 
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The mutarofation of nitrocamphor has long been known as an 
example of a reaction catalysed by acids and bases in non- 
aqueous solvents,! and recently quantitative measurements 
have been made on catalysis by acids in chlorobenzene solu- 
tion.|‘ There are again complications in the relation between 
velocity and catalyst concentration. 


(d) The Bronsted relation in 11011 -aqueous solvents 

In all the investigations described in the last section there is 
clearly a qualitative relationship between the catalytic activities 
ot the different acids (or bases) and their acid (or basic) 
strengths. However, two difficulties arise when we attempt to 
establish the validity of a quantitative relationship of the type 
ahead} 7, described for aqueous solutions. The first of these is 
connected with the difficulty of establishing a scale of acid 
strength in different solvents. It has already been shown that 
the qualitative behaviour of acids and bases depends essentially 
on the acid-base properties of the solvent, and that the ordinary 
dissociation constant of an acid is actually a measure of its 
relative acid strength compared with that of the solvated proton. 
A similar relative scale could be built up on the basis of any 
other standard acid-base system not involving the solvent: thus, 
if A, B represents any acid and its corresponding base, and 
A 0 , B 0 the standard acid-base pair, then the relative strength 
of the acid A is given by 


K n = 


KM 

KKI' 


Even in aqueous solution it is often convenient to use an acid- 
base system other than the solvent (e.g. an indicator) for 
measuring acid strengths. In non-aqueous solvents of low basic 
strength such a procedure is often the only practicable one, 
while in aprotic solvents it is clearly impossible even in principle 
to measure acid strengths without adding a second acid-base 
system. 

t Lowry, ibid. 211, 1899. 

+ Bell and Shewed, ibid. 1202, 1940. 
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We shall not discuss the vexed question of whether it is 
possible in principle to establish an ‘absolute’ scale of acidity, 
and thus to compare acid strengths in different solvents.*)- Such 
an absolute comparison is in any case not possible in practice, 
and the relative strengths are all that are required for com¬ 
parison with the catalytic data in a single solvent. In practice 
it is not always easy to measure even relative strengths in 
non-aqueous solvents, on account of large interionic and other 
medium effects. It is therefore a fortunate circumstance that 
for a series of acids of the same charge type the relative strength 
is found to be approximately independent of the solvent , provided 
of course that the same acid-base system is used as a standard 
throughout. This statement is based upon a large amount of 
experimental work, e.g. in methyl and ethyl alcohol ,% isobutyl 
alcohol,§ w-cresol,|| formamide,^ acetonitrile,ft chloroform ,%% 
benzene,§§ and chlorobenzene.|||| There are frequently devia¬ 
tions from this regularity which are much greater than the 
experimental error, but they rarely exceed a power of ten and 
are usually much less than this: moreover, the deviations are 
random in nature and do not show any systematic change with 
increasing acid strength. Since the Bronsted relation is in any 
case only an approximate one, there is considerable justification 
for using the readily accessible dissociation constants in water 
for testing this relation when there are no data available 
for acid-base equilibria in the solvent used for the catalytic 
measurements. There is, in fact, some justification for using 

t Cf. Bronsted, Z. physikal. Chem. 143, 301, 1929 ; 169 A, 52, 1934; Guggen¬ 
heim, J. Phys. Chem. 34, 1758, 1939; Hammett, J. Am. Chem. Soc. 50, 2666, 

1928; Sehwarzenbach, Helv. Chim. Acta , 13, 8/0, 1930. 

+ Bjerrum and Larsson, Z. physikal. Chem. 12V, 3o8, 1927; Goldschmidt, 
Gorbitz, Hongen, and Pablo, ibid. 99, 116, 1921; Bright and Briscoe, J. Phya. 
Chem. 37, 787, 1933; Halford, J. .4m. Chem. Soc. 55, 2272, 1933. 

§ Mason and Kilpatrick, ibid. 59, 572, 1937. 

|] Bronsted, Dolbanco, and Tovborg-Jenson, Z. physikal. Chem. 169, 52. 
1934. 

^1 Vorhock, J. Am. Chem. Soc. 58, 2577, 1936. 

•f-j- Kilpatrick and Kilpatrick, Chen i. Rev. 13, 131, 1933. 

Hantzsch and Voigt, Ber. 62 B, 970, 1929. 

§§ Bronsted, ibid. 61 B, 2049, 1928; LaMer and Downes, J. Am. Chen\. Soc . 

Cl QQQ 1QU1 

[||| Griffiths! J. Chem. Soc. 818, 1938. 
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the relative strengths in water in preference to those in other 
solvents, even when the latter are available.f 

The second difficulty is connected wit h the evaluation of the 
catalytic constants themselves. We have seen that in many 
cases there is not a simple linear relation between velocity and 
catalyst concentration, so that it is often difficult to make a 
quantitative comparison between different catalysts. Thus in 
the decomposition ot nitramide catalysed by anions in isoamyl 
alcohol there is a small but unexplained effect of the concentra¬ 
tion ot the corresponding acid, and BrOnsted and Vance arbi¬ 
trarily used as catalytic constants the values corresponding to 
a fixed acid concentration of 0-001 N. In the acid-catalysed 
rearrangement of N-bromacetanilidc in chlorobenzene the velo¬ 
city increased throughout less rapidly than the concentration, 
and the catalytic constants used were those extrapolated to 
infinite dilution, i.e. if the velocity is given by 

k = ac — bc 2 y 


the constant a was taken as catalytic constant. In the inversion 
of menthone the ‘apparent order’ with respect to acid was 
sometimes greater and sometimes less than unity. In this case 

v 

the results were fitted to one of the two equations 

k = Ac-\-B l \ f c , 
k = Ac-\-B. y c 2 

(A, B lt and B 2 being positive), and the constant A was taken 
as the catalytic constant. 

From the examples given above it will be seen that there is 
a certain degree of arbitrariness in testing the Bronsted relation 
in non-aqueous solvents. However, the ambiguities involved 
are usually small, and it may be stated at once that all the 
data obtained serve to confirm the validity of this relation. 
Examples are shown in Figs. 9 and 10. Fig. 9 shows the results 
of Bronsted and collaborators on the decomposition of nitra¬ 
mide in 7/i-cresol, the basic constants of the catalysts being 


t Cf. the concepts of ‘intrinsic strength’ (Wynne-Jones, Proc. Boy. Soc. A, 
140, 440, 1933) and ‘inner strength’ (Bronsted, Z. physical. Chem. 169 A, 
52, 1934). 
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Fig. 9. Basic catalysis in the decomposition of nitramide in rn-cresol. 
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Fig. 10. Acid catalysis in the rearrangement of N-bromacetanilide 
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those determined directly in m-cresol. (In this case the correla¬ 
tion with the catalytic data is not quite so good if the basic 
strengths in water arc used.) The slopes of the lines in the 
figure arc 0*84 and 0*78 for the amines and the anions re¬ 
spectively. I hcsc values differ little from the corresponding 

values in water (0-80 and 0-75) and in isoamyl alcohol (0-92 
and 0*83). 

I< ig. 10 shows the same plot for t he rearrangement of N-brom- 
acetanilidc in chlorobenzene, the strengths of the acids being 
expressed this time by their dissociation constants in water. 
There is good agreement with a straight line of slope 0-30. It 
may be noted that in the corresponding rearrangement of N- 
iodoformanilide the slope is only 0*2: such a low value would 
barely lead to detectable acid catalysis in aqueous solution 
owing to the large catalytic ctfect of the solvent molecules. No 
statistical correction has been applied in the above cases. 

The other reactions mentioned above exhibit similar be¬ 
haviour, though the data are not so extensive or accurate. 


(e) The effect of the solvent on catalytic constants 

It should often be possible to compare the catalytic effect of 
a given species in a given reaction for a number of different 
solvents, and such a comparison is of interest from the point 
of view of general theories of reaction kinetics. There are, how¬ 
ever, very few reactions for which such information is available. 

The decomposition of nitramide has been studied in water,f 
in isoamyl alcohol,J and in m- cresol.§ Table XX shows the 
catalytic constants of a number of catalysts which have been 
studied in all three solvents. 

It will be seen that the change of solvent has a considerable 
effect on the catalytic constants, and that the effect of de¬ 
creasing dielectric constant is in opposite directions for the 
neutral bases and the anion bases. This behaviour is under- 

f Brousted and Pedersen, Z. physical. Chem. 108, 185, 1923; Bronstod and 
Duus, ibid. 117, 299, 1925; Bronsted and Volqvartz, ibid. 155 A, 211, 1931; 
Baughan and Bell, Proc. Roy. Soc. A, 158, 464, 1937. 

t Bronsted and Vance, Z. physikal. Chem. 163 A, 240, 1933. 

§ Bronsted, Nicholson, and Delbanco, ibid. 169 A, 379, 1934. 
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Table XX 

Catalytic constants for the decomposition of nitramide 

in various solvents 


Catalyst 

p-Chloraniline 

Aniline 

p-Toluidine 

Dichloracetate ion 
Salicylate ion 
Benzoate ion 


Water 

e — 80 

m-Cresol 
€ — 13 

Isoamyl alcohol 
c = 5-7 

0-21 

0-045 

00092 

0*54 

0-146 

0-033 

116 

0-33 

0-098 

0-0007 

0-0118 

0-063 

0-021 

0-41 

2-02 

0-19 

5-4 

17-0 


standable from a theoretical point of view. It will be shown 
in the next chapter that basic catalysis involves the transfer 
of a proton from the substrate to the catalyst, and any change 
of conditions which favours this transfer will therefore increase 
the reaction velocity. When both the catalyst and the substrate 
are uncharged the proton transfer involves a separation of 
charge which will take place more readily in a medium of high 
dielectric constant: hence the rate should be highest in water, 
as observed. If, on the other hand, the catalyst is a negative 
ion, no change in the total charge is involved in the proton 
transfer. However, the approach of the catalyst and substrate 
is favoured by the polarization of the molecule in the field of 
the ion, and this field will be stronger in media of low dielectric 
constant. Hence the catalytic effect of anion bases should be 
greater in solvents of low dielectric constant, as is actually 

found to be the case. 

Some measurements have also been made on the solvent 
effect for acid catalysed reactions in non-dissociating solvents, 
e.g. the rearrangement of N-bromacetanilide,’j’ the depoly¬ 
merization of paraldehyde,J and the racemization of phenyl- 
isobutylacetophenone.§ In these cases there is no correlation 
between the velocity of the catalysed reaction and the dielectrio 
constant of the solvent. Most of the catalysts used were 


t Bell, Proc . Roy. Soc. A, 143, 377, 1934. 
t Bell, Lidwell, and Vaughan -Jackson, J . Chem . Soc . 
§ Bell, Lidwell, and Wright, ibid. 1801, 1938. 


1792, 1936. 
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carboxylic acids, and it seems likely that the results arc com¬ 
plicated by chemical association of the acid molecules with each 
other or with the solvent, j' These complications arc absent in 
dealing with catalysis by bases. 

Since catalysis by acids and bases can be studied in inert 
solvents of the hydrocarbon type, there seems no reason in 
principle why they should not also take place as gas reactions. 
Investigations on this point have shown that acid-base catalysis 
can certainly occur in the absence of any solvent, but that the 
observed reaction is predominantly heterogeneous.J This be¬ 
haviour is consistent with the picture of acid-base catalysis as 
a proton transfer. Since both catalyst and substrate are un¬ 
charged molecules, the transfer of a proton will involve a con¬ 
siderable charge separation, and this will take place more readily 
near any polarizable material (such as the wall of the vessel) 
than it will in the gas phase. The wall reaction will thus tend 
to mask any homogeneous gas reaction which may be taking 
place. 


t Cf. Boll, Bauglmn, and Ynughan-Jackson, ibid. 1969, 1934; Boll and 
Arnold, ibid. 1432, 1935. 

t Bell and Burnett, Trans. Farad. Soc. 33, 355, 1937; 35, 474, 1939. 
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CHAPTER VII 

THE MECHANISM OF ACID-BASE CATALYSIS 

(a) Acid-base catalysis as a protolytic reaction 

The term ‘catalysis* is often used to describe the promotion 
of a chemical change by some physical agency, as, for example, 
in the catalysis of the conversion of para- to ortho-hydrogen by 
paramagnetic molecules, or the effect of a surface in a hetero¬ 
geneous gas reaction. It was originally thought that catalysis 
by acids and bases was due to some physical effect of this kind, 
which was vaguely connected with the supposed small size of 
the hydrogen ion or the high mobilities of the hydrogen and 
hydroxyl ions. However, the kinetic law's of the process will be 
just the same if catalysis involves an actual chemical reaction 
between the catalyst and the substrate, provided that the 
catalyst finally emerges unchanged. Modern developments in 
the study of acid-base catalysis all point to this type of explana¬ 
tion, and since acids and bases are best characterized as proton 
donors and proton acceptors respectively, it is believed that 
the reaction involved in catalysis is the transfer of a 'proton 
between the catalyst and the substrate. This view represents 
the catalyst as taking an essential part in the reaction mechan¬ 
ism, and not merely as speeding up an uncatalysed process. 
If the reaction in question can take place in the absence of any 
catalyst, the mechanism involved must be quite different from 
that of the catalysed reaction. Actually there is no evidence 
that reactions catalysed by acids and bases can take place at 
all in the absence of a catalyst. We have already seen (p. 91) 
that the so-called ‘spontaneous’ reaction in solution can best 
be interpreted as due to catalysis by the solvent molecules, 
while in many cases changes which were supposed to take place 
in pure substances have been found to be arrested if sufficient 
care is taken to remove catalytic impurities. | The way in which 
the proton transfer brings about the observed reaction is in 

f e.g. the transformation of the pure enol form of acetoacetio ester to the 
keto form; Rice and Sullivan, *7. Aw-er. Chtnx. Soc . 50, 3048, 1928* 
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many cases well established, and in other cases plausible schemes 
can be suggested. Some instances of actual reaction mechan¬ 
isms will be given in the following, but a fuller treatment of 
the subject would demand too great an excursion into organic 
chemistry, j* 

According to the above interpretation the substrate in a 
catalytic reaction must behave as an acid or base and the 
reaction involved in catalysis is a typical acid-base or proioUjiic 
reaction. Reactions ot this class, for example the neutralization 
ol acids and bases, usually take place at a rate too great to be 
measured, and we must inquire under what circumstances a 
measurable velocity can occur in such reactions. Substances 
commonly acting as substrates are such weak acids or bases 
that their acidic or basic properties are barely detectable. It 
is reasonable to suppose that these extremely weak acids and 
bases can undergo protolytic reactions at a measurable speed, 
though under ordinary circumstances the final extent of the 
protolysis is so small as to be barely observable. It is only 
possible to measure this rate if the initial proton transfer is 
succeeded by some other observable change, as is the case in 
catalysed reactions. Cases of such behaviour have lon<_r been 
known for the class of substances known as pseudo-acids and 
pseudo-bases. For example, the normal form of nitromethane 
has the structure CH 3 N0 2 and would not be expected to ionize 
to any appreciable extent in the presence of bases. Actually it 
reacts completely with sodium hydroxide to give a salt, although 
the neutralization takes place at a measurable speed. This is 

because the ion formed is not CH.,.NO., but has the alternative 

*0 “ 

electronic structure CH 9 :N< In the language of classical 

0 

structural chemistry we can write the changes involved as 


(i) 


CH 3 NO.,+OH- ^ CHo.NO.+H.O 


f Many examples are given in recent articles by Watson on ‘Reaction 
Mechanisms’, Cheat. Sac. Ann. Hep. 35, 208. 193S; 36, 191. 1939. See also 
Hammett, Physical Organic Chemistry , New York, 1940. 
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0 

CH 2 .N0 2 ^ CH 2 :N/'_ 

X 0, 


where reaction (i) takes place slowly and its equilibrium is 
vr *y far on the left-hand side, while reaction (ii) takes place 
instantaneously, but its equilibrium is very far on the right- 
hand side. Modern views on molecular structure would express 
the state of affairs somewhat differently by saying that the ion 
of nitromethane is a resonance hybrid (or mesomeric state) of 
the two classical structures given, the contribution of the second 
structure predominating.f In either case the result is the same: 
the proton on the carbon atom is so firmly bound that its loss 
involves a slow reaction, but the reaction with a base can 
nevertheless take place to a considerable extent because the 
negative charge on the ion is located chiefly on the oxygen 
atom rather than on the carbon. J The possibility of alternative 
electronic structures for ions is often an important factor in the 
mechanism of acid-base catalysis. There are, however, other 
ways in which the slow protolytic reaction may lead to ob¬ 
servable phenomena: for example, the ion formed may decom¬ 
pose or rearrange spontaneously, or it may react rapidly with 
some other species present. Both these possibilities will be 
illustrated in the following sections. 

The picture of acid-base catalysis as a slow protolytic reaction 
may be used to obtain further insight into the Brftnsted rela¬ 
tion^ Consider any acid-base equilibrium, 

Ai+B 2 ^ Aa+B-L, 

where [A a ][Bj = K 

[AJ[BJ 

t Cf. Pauling and Wheland, J. Chem. Phys. 1, 362, 1933, and later papers; 
Ingold, Nature , 133, 964, 1934. 

J In older explanations of this slow reaction (Hantzsch, Ber. 32, 576, 1899) 
it was supposed that nitromethane first changes slowly to the aoi-form 

CH 2 :N<^, which then reacts rapidly with base. However, Pedersen (Dc*. 

Kgl. Danske Vid. Selsk . Math.-fys. Medd. 12, No. 1, 1932; J . Phys. Chem. 
38, 681, 1934) has shown clearly that there is no reason to assume the inter¬ 
mediate formation of the aci-form. In his words: ‘The pseudo-acids are not 
false acids, but acids with false strengths.' 

§ Cf. Pedersen, J. Phys. Chem. 38, 681, 1934. 
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and let the velocities of the proton transfer in t he two directions 

be written as r * -in* 1 

*'l.2 = "l^AJlisj] 

*2,1 = 77 2.l[-^|| H,]. 

If K x and K 2 are the strength constants of the acids A, and A 2 
on any scale, then we have clearly 

77 1,2 _ 

77 2,1 A 2 

Now let A 2 , Bo be a fixed acid-base pair (corresponding to the 

substrate) while B, varies through a series of substances 

of increasing acid strength in A, and hence decreasing basic- 

strength in B r As we pass up the series it is reasonable to 

suppose that t r 12 will increase steadily, while n 2 l will decrease. 

Since, however, the ratio ni ust be proportional to K 1 , 

we must suppose that 77, 2 increases less rapidly than A',, while 

7t 21 decreases less rapidly than 1/A\. This may be expressed 

by writing ,, 

J ° alog77i 2 — ad log A, 

— c/log7r 21 = (1 — a)rflog A",, 


where 1 >■ a >■ 0. If a is effectively constant over a range of 
acid strengths these equations can be integrated to give 

^1.2 = 9b, K 1> -^2.1 = £/a,(I/ a ' 1 ) i '“. 

where g At and are characteristic of a given substrate, 
solvent, and temperature. If the measured reaction velocities 
are in fact determined by 77, 2 and 7 t 2 ,, then these equations are 
identical with the Bronsted relation. 

The relation between protolytic equilibrium and velocity 
constants is likely to hold only as long as the catalysts being 
considered are not of very different structures. In particular 
it is likely to break down badly if one of the species A^B, 
can have more than one electronic structure. We have already 
seen that in the case of pseudo-acids and bases the position of 
protolytic equilibrium may bear little relation to the rate at 
which a proton is transferred because the acidic and basic forms 
have essentially different electronic structures. This point was 
appreciated by Bronsted in his first paper on the relation 
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between catalytic power and acid-base strength, f where it was 
shown that in the decomposition of nitramide the catalytic effect 

observed for the ion of nitrourethane, _ '>N:N.COOC 2 H 6 , 


is much smaller than would be expected on the basis of the 
dissociation constant of the molecule N0 2 .NH. COOC 2 H 5 . The 
same effect may well appear for catalysts not generally recog¬ 
nized as pseudo-acids or pseudo-bases: thus the relatively small 
catalytic effect of the picric acid molecule J (K ~ lO -1 ) may 
be attributed to the existence of several possible structures for 

the picrate ion, e.g. 





According to modern writers on molecular structure, resonance 
(or mesomeric) structures are of frequent occurrence, and it is 
possible that some of the minor deviations from the Brbnsted 
equation may be connected with this kind of effect. In fact, 
kinetic measurements should in some cases provide a valuable 
test of such hypotheses about molecular structure^ 

The above treatment does not make any particular distinc¬ 
tion between the catalyst and the substrate, and it is easily 
seen that if we consider the case where the catalyst remains the 
same and the substrate varies, we arrive at equations of the 

form rflogTT,,, = — Oid log 

d log7Toi — (1— <x)dlogK 2> 


t Bronsted and Pedersen, Z. physikal. Chem. 108, 185, 1924, 

X Bronsted and Bell, J. Amer . C/iewi. Soc . 53, 2478, 1931; Bell, Proc. Roy. 

Soc. A. 143, 377. 1934. 

§ Cf. Bell, Nature , 146, 100, 1940. 
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and hence for changes of bot h substrate and catalyst! 
d log 7Tj 2 = <\(d log h\ — d log A 2 ) = ad log K 
d log 7T 2i i — (1 — a)(r/log7v 2 —dlog A',) = — ( 1 — a)d log K. 


I he quantitative dependence of the reaction velocity upon 
the acid-base strength of the substrate has so far eluded 
observation, and there arc a number of reasons why this is 
likely to continue to be the ease, in tlie first place, the sub¬ 
strate is usually such a weak acid or base that the usual methods 
of investigation are not applicable, though in some cases it is 
possible to apply the methods recently developed for studying 
extremely weak bases (e.g. ketones) by using strongly acidic 
solvents.! Such measurements have been carried out fora series 
of substituted acetophenones, but there is no relation between 
the measured basic strengths and the velocity of the acid- 
catalysed brominat-ion.g We shall see later (p. 137) that this 
reaction involves a double-stage process in which both the 
acidic and the basic 1 unctions of the ketone are involved: hence 
no simple relation could be expected. Moreover, the acid-base 
functions of the substrate usually (though not necessarily) in¬ 
volve changes of electronic structure, and we have just seen 
that under these circumstances the Bronsted type of relation 

will break down. It therefore seems likely that the reaction 

* 

velocity would not always depend quantitatively on the 
measured acid-base strengths even if these were accessible. 

The effect of varying the substrate does, however, lend 
qualitative support to the picture of acid-base catalysis as a 
protolytic reaction, since the effect of substituents usually runs 
parallel with their effect upon acid-base strengths in general. To 
take a simple case, the velocity of the base-catalysed bromina- 
tion of acetone is greatly increased by halogen substitution,|| 
which also increases the dissociation constants of carboxylic 


t The exponent a must have the same value in both cases in order to satisfy 
the equilibrium relation. 

J Cf. Hammett, Chem. Rev. 13, 61, 1033; Flexser, Hammett, and Dingwall, 
J . Amer. Chem. Soc. 57, 2103, 1935. 

§ Zucker and Hammett, ibid. 61, 2785, 1939. 

|| Watson and Yates, J. Chem. Soc. 1207, 1932; Lidwell and Bell, Proc. 
Roy. Soc. A, 176, 88, 1940. 
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acids. In some cases there is also a quantitative relationship 
between reaction velocities and the dissociation constants of 

p-Br 

p-Me H p -Cl n-N0 2 

■ i < i 


B. Iog(& X 10 5 ) for the acid- 
catalysed hydrolysis of 
substituted potassium 
phenyl-sulphates at 
48-6°. 

E. log(/c X 10 4 ) for the alka¬ 
line hydrolysis of substi¬ 
tuted benzamides at 100°. 

G. Iog(fcxl0 4 ) for the alka¬ 
line hydrolysis of substi¬ 
tuted ethyl benzoates at 
30°. 

F. log k for the hydrolysis of 
substituted benzyl chlor¬ 
ides by aqueous alcohol 
at 83°. 


p-OMc m-Me m-OMe m-CI p-NO^ 

0-5 VO V5 

I03 K (benzoic acids) 

Fig. 11. Reactions with varying substrate. 

related acids. | Some of these are illustrated in Fig. 11, taken 
from the paper of Burkhardt and his collaborators. The simi¬ 
larity to the usual BrOnsted relation is obvious. 

t Hammett, Chem. Rev. 17, 125, 1935; J. Atner. Chem. Soc. 59, 9?, 1937; 
Trans. Farad. Soc. 34, 150, 1938; Burkliardt, Nature, 136, 684, 1935; Burk- 
hardt, Ford, and Singleton, J. Chem. Soc. 20, 1936. 
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We have already seen (p. 112) that the picture of arid-base 
catalysis as a proton transfer reaction explains some of the 
facts about the effect of the medium on catalytic constants 
Similar considerations can be applied to the effect of the charge 
type of the catalyst.f Consider a substrate RH catalysed by 
two hypothetical bases If (uncharged) and B~, which differ 

only in their electric charge. The rate-determining proton 
transfers are then 


RH+B - R- + UB+ 
RH + B- ^ R-+HB, 


and the catalytic constants are related to the strength constants 
by the relations 



where ft is assumed to be independent of the charge type. 

The catalytic constants and strength constants may be ex¬ 
pressed in terms of the rates of proton transfer as follows: 


giving 


_ ^RH.B ^ __ TTRH .It /^RH.ir 

^UU.B- A n - TThu + .U-/ TThb.U- 



^RH.B V ^/ 7 T HB 4 ,It- \^ 

^ru.b-/ Umur 


Comparing the proton transfer reactions in the two cases, it is 
clear that B will accept a proton less readily than B-. Similarly, 
HB+ will lose a proton more readily than HB, and in addition 
the reaction between R- and HB+ will be favoured by the 
attraction between the unlike charges. It is therefore probably 
correct to write 

7 r HB + ,R- ^ ^RH.ir ^ j 
^HB.R" ^RH.B 


Applying this result to the last equation, we see that if ft is 
very small, G 0 < G_. If ft is sufficiently large (and always if 
> £), then G 0 > G_. 

Analogous considerations apply to other charge types. Thus 
in. general, if there are two basic catalysts of the same basic 
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f Pedersen, J. Phys. Chetn. 38, 581, 1934. 

R 



122 THE MECHANISM OF ACID-BASE CATALYSIS 

strength, when ft is sufficiently small the one having the greater 
number of positive charges (or the smaller number of negative . 
charges) will be the less effective catalyst. If, on the other 
hand, /3 is sufficiently great (and invariably if P > i) the base 
having the greater number of positive charges will be the more 
effective catalyst. In the latter case the catalytic effect will 
increase much more rapidly in the scries 13 , 13, 11 1 , B "ii".., 
than it will decrease in the series B~, B = .... These predictions 
are completely fulfilled by the data for the nitramide decom¬ 
position catalysed by bases of the type B = , B~, B, and B++ 
(cf. p. 87). and agree with the much less complete data for 
other reactions. In the case of acid catalysis similar rules may 
be deduced: when the exponent a is very small an increase of 
the negative charge of the catalyst acid will lead to a decrease 
of catalytic effect, while if a is sufficiently large (and always if 
a > J) an increase of negative charge will bring about an 
increased catalytic effect. There is little experimental evidence 
on the effect of the charge in acid catalysis, but the above rule 
jg jagreement with the catalytic effect of the acid sulphate 
and acid oxalate ions in the acetone iodine reaction (cf. p. 91). 

(6) Euler’s ionization theory. Specific and general cata¬ 
lysis 

So far we have assumed that the protolytic reaction initiating 
the catalysed reaction also constitutes the rate-determining 
step, i.e. that any subsequent changes are fast compared with 
the initial step. It is equally reasonable to explain the catalytic 
effect of the acid or base by the reverse assumption, i.e. that 
a protolytic equilibrium is rapidly set up between the substrate 
and the catalyst, and that the species thus produced from the 
substrate undergoes further reaction at a relatively slow rate 
which is independent of the amount or nature of the catalyst. 
Provided that the extent of the protolytic reaction is small, this 
assumption leads to the usual kinetic laws for catalysis, and it 
has been frequently put forward as the universal explanation 
of acid-base catalysis. This is particularly the case in the so- 
called ionization theory of catalysis , chiefly associated with the 


THE MECHANISM OF ACID.EASE CATALYSIS li’.'t 

name of Euler, f It lias been shown by Bronstedj that prac¬ 
tically all the evidence produced by Euler in support of this 
theory can be explained equally well iTthe initial proton transfer 
is the rate-determining step. It therefore becomes of interest, 

to see under what conditions it is possible to discriminate 
between the two hypotheses.§ 

Consider a substrate .S which reacts to form products X, 
catalysed by an acid A. The steps involved can then be writ ten 

*1 

A+S Ii-I-SH 1 

*-i 

S H + —> X. 

Since the concentrations of A and H remain effectively constant 

% 

throughout, the kinetics of the system can be described by the 

three first-order constants k\, L_ v and where /. , and /• ", are 

proportional to the concentrations of A and I! respectively. 

The acid strength of Sll 1 is then given by 

' % 

_ = />;, 

^Vsii * 

It should he noted that eejuation (I) does not assume that 

equilibrium has been set up in the first stage of the reaction, 

but only that k\ and k_ x have the same values as they would 

* 

have at equilibrium. In this chapter the symbol II * has been 
used for brevity to denote the solvated hydrogen ion. 

The state of affairs now depends on the relative values of 
these constants, and the different possibilities can be classified 
as follows. 

(I) First let us assume that k_ x > /•,; this will be so in most 

t Euler, Svcwtk Vet. Afoul. For},. 18110, No. 4; Z. physikal. Chon. 28, 019, 
1899; 32, 384, 1900; 36, 041, 1901; Euler and Medelius, Biochon. Z. 107, 
150, 1920; Euler and Laurin, Ark. Kent. Min. Oral. 7, No. 30, 1920; Euler 
and Svanberg, Z. physikal. C/iem. 115, 139, 1921 ; Euler, Myrback. and Hud- 
berg. Ark. Kern. Min. Geol. 8, No. 28. 1923; Z. anorg. Choi,. 127, 244, 1923; 
Euler and Olander, ibid. 146, 45, 1925; 147, 295, 1925; 152, 113, 1920; 15b! 
143, 1920; Z. Elektrochcm. 33, 527, 1927; Z. physikal. Chon. 131, 107, 1927. 

x Brbnsted, On i Syrc - oy Dasekatalyse, Copenhagen, 1920; Chon. Rev. 5, 
231, 1928. 

§ Cf. Pedersen. Den alminrfeHyr Syrc - oy Basekatalyse , Copenhagen, 1932; 
Skrabal, Z. Elektrochem. 33, 322, 1927 ; Bell, Froc. Roy. Roc. A, 154, 414, 1930. 
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cases, since S is normally a much weaker base than B. The 
amount of the system B+SH+ formed will then remain very 
small throughout the reaction, and the condition for a steady 
state can be used. By equating the rates of formation and 
destruction of SH + we find that the reaction will take place 
with a first-order constant k given by 


k 


_ k x k. 


( 2 ) 


There are now three possibilities, according to the relative 
values of k 2 and k_ 1 . 

(la) k 2 > k_ v Substitution in (2) gives k = k x = tt a>s [A], 
where tt a s is characteristic of the acid and the substrate. In 
this case the reaction velocity is thus given by the actual rate 


of proton transfer from the acid to the substrate, and observa¬ 
tions will show general acid catalysis with a catalytic constant 


77 A g. 

(16) k 2 < k _!• Substitution gives k = k^Jk^, and hence 


from (1) 


*=*. m 


K 


SH 


+ 


( 3 ) 


In this case the system A+S ==> B+SH+ is in equilibrium 


throughout the reaction, and the rate-determining step is the 
further reaction of SH+, as in Euler’s theory. The velocity will 
be proportional to the hydrogen-ion concentration, even though 
the actual proton transfer takes place from the acid A, and it 
is easily seen that the same will be the case if any number of 
acids or bases are present. Thus the reaction will always appear 
experimentally as a case of specific hydrogen-ion catalysis. 

(Ic) k 2 ~ A_j. This gives 




* , g[ H+ ] 7T A.s[ A ] 

Ash^a.s[A]+A- 2 [H+]- 



The experimental results would thus indicate catalysis by acids 
other than the hydrogen ion, but the quantitative behaviour 
would be complex since the velocity depends partly on the 
actual proton transfers and partly on an equilibrium controlled 


by the hydrogen-ion concentration. 
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(II) As an alternative assumption, let /*_j ^ /-j. This may 
be the ease if the substrate is a base of moderate strength, or 
if the ratio [A]: [13] (and hence the hydrogen-ion concentration) 
is high. There are, as before, three sub-cases. 

(Ila) k 2 > k_ v As in case (la), the actual proton transfer 
is the rate-determining step and there is general acid catalysis 
with a first-order constant k — k\ = 7 r AS [Al. 

(II6) k 2 < k_ x . The system A-fS ^ B + SH+ will be in 
equilibrium throughout, the rate being determined by k. t . The 

^ A* 

fraction of the total amount of substrate which is in the form 
SH + is k + an d * bc first-order constant is 


/. _ ^ i ^2 _ k'i[ H *) 

Ksiv+iii+y {iJ) 

The velocity will thus depend only on the hydrogen-ion con¬ 
centration and for small values of [H + ] will be proportional to 
it. However, as soon as [H + ] becomes comparable with A SH . 
the velocity will increase less rapidly than the hydrogen-ion 
concentration, and for very high values of [H ‘] it will reach 
a limiting value corresponding to the complete conversion of 
S into SH+. 


(lie) k 2 ~ k_ v In this case the expression for the variation 
of the concentration of substrate with time contains two 
exponential termsf and the course of the reaction will not be 
of the first order. This case is only rarely met with in practice. J 
The above analysis has some important consequences. In 
the first- place, if the experimental results show catalysis b y 
acids other than the hydrogen ion, then the actual proton 
transfer must be involved as a rate-determining step (cases la, 
Ic, Ila), and Euler’s theory is excluded. If, in addition (as is 
usually the case), the rate is found to be a linear function of the 
acid concentrations (case la), then the rate is completely deter¬ 
mined by the initial proton transfers, as has been supposed in 
the preceding section. It is equally possible in principle to 
state the converse argument; i.e. if the reaction is catalysed 


t Cf. Rakowski, Z. physical. Cltem. 57, 321, 1907. 

t Bartlett, J. Am. Cltem. Soc. 56, 9G7, 1934; Zueker ami Hammett, ibid. 
61, 2791, 1939. 
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specifically by hydrogen ions, then the rate must be controlled 
by the step following the proton transfer, as in Euler’s theory 
(cases I b and II b). Unfortunately this criterion is of little value 
in practice, since we have already seen (p. 94) that general 
acid or basic catalysis may often be present even when it cannot 
be detected experimentally. It should also be noted that for 
3 , given reaction different catalysts may fall under different 
headings in the above classification. Thus it is quite possible 
that for the catalyst OH+ the velocity of proton transfer is so 
great that k t > Jc 2i while for a weaker acid like acetic acid this 

is no longer the case. 

If experiments can be made at hydrogen-ion concentrations 
so high that [H+] ~ if SH +, it becomes possible to obtain valu- ■ 
able information from experiments in solutions of strong acids. 

If the velocity is throughout proportional to the hydrogen-ion 
concentration, then the proton transfer is rate-determining 
(case IIa). If, on the other hand, the velocity increases less 
rapidly than the hydrogen-ion concentration, then Euler’s 
theory is applicable (case II b). It has been maintained by 
Bronstedf that no experimental data of this kind can distin¬ 
guish between the two hypotheses, but there can be no doubt 
that such a distinction is possible in principle. It is not likely 
to be realizable often in practice, since the necessary hydrogen- 
ion concentrations are normally so high that the reaction will 
be inconveniently fast. There are, however, a few cases where 
the data provide good evidence for the applicability of the 
Euler theory. Thus in the hydrolysis of acetamide by strong 
acids X the apparent catalytic constant decreases by 28 per cent, 
between 0*1 N and 1 N, and by 58 per cent, between 0T N and 
3 N. The magnitude of this change is little greater than might 
be expected for a primary salt effect, but such salt effects 
appear to be always positive for hydrogen-ion catalysis (cf. 
p. 23), and a positive salt effect has in fact been found for 

t Brbnstcd, Chem. Reviews , 5, 231, 1928; Trans. Farad. Soc. 24, C30, 1928. 

% Euler and Olandor, Z. physikal. Chem. 131, 107, 1927. The hydrogen-ion 
concentrations used by the authors are erroneously derived from electrometric 
pH measurements, but qualitatively tho same conclusions are reached by the 
more correct assumption that the strong acid is completely dissociated. 
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the hydrolysis of acetamide.y In view of the high ionic con¬ 
centration involved, any quantitative interpretation of the data 
is bound to be complicated by uncertainty about salt effects, 
but there is undoubtedly good qualitative evidence for Killers 
theory in this case. 

The above discussion assumes catalysis by acids, but it is 
obvious that an entirely analogous scheme applies to basic 
eatatysis, and it should not be necessary to give the results here. 

(c) Prototropic changes 

The above treatment applies to reactions u Inch are cat a Ivscd 

% 

by acids only or by bases only. There are. however, a lai"e 

number of reactions in which either type of catalyst is effective, 

and in some cases there is reason to believe that catalysis will 

% 

only take place if both an acid and a base are present simul¬ 
taneously. This group of catalysed reactions includes the im¬ 
portant class known as prototropic iaouu rizations. The most 
common type of isomerization can be written in the skeleton 

f ° rm HX. Y: Z v* X: Y. ZH, («) 

where X, Y, and Z arc normally either carbon, nitrogen, or 
oxygen. The commonest case is the well-known kcto-cnol 
system, 

HC. C: O ^ C: C.OH, 


while other examples are given below: 


HN.C:O ^ N:C.OH 


lactam-lactim 


HC.N:0 ^ C:N.OH nitroso-isonitroso 


HC.C:C ^ C:C.CH 


three-carbon tautomerism. 


t Taylor, J. Chew. Soc. 2741, 1030. 
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The so-called ring-chain tautomerism of the type 



<j 

\y.ZH 




also falls into the same class, the best-known example occurring 


in cyclic 


semi-acetals, 



/? 

\CH.0H 



OH 

CH:0 


All prototropic changes can be represented as consisting of 
the addition of a proton at one point and the removal of a 
proton from another point. This was first formulated by Lap- 
worth, f and on the modern view of acids and bases it provides 
a ready explanation of their catalytic effect. Most of the recent 
discussions on the subject have been concerned with the relative 
rates of the proton addition and removal and with the nature 

of the ions formed. 

Consider the system HX.Y:Z ^ X:Y.ZH, which may be 
written briefly HR ^ RH. The ion formed by removing a pro¬ 
ton from either of these species will have a mesomeric state 

with the two ‘classical’ structures X.Y:Z and X:Y.Z; this 
ion will be written R". Similarly, the ion formed by the addi¬ 
tion of a proton to either form has the structures HX.Y.ZH+ 
and +HX: Y.ZH, and the actual mesomeric ion will be written 
(HRH) + . The various paths for the in ter conversion of HR and 
RH can then be expressed by the scheme 

7, HR 

(HRH)+ R~> ( 7 ) 

^ RH ^ 


where the acids and bases which collaborate in each of the 
protolytic reactions have been omitted.} For the sake of sim¬ 
plicity we shall consider only the case in which the transforma¬ 
tion is made irreversible by removing RH as soon as it is 
formed. (The same qualitative conclusions apply to the re- 


t Lapworth and Hann, J. Chcm. Noe. 1512, 1902. . 0 

t See Pedersen, J. Phys. Chcm. 38, 581, 1934; Trans. Farad. Soc. 34, 237, 

1938. 
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the mechanism of acid.base catalysis 

versible case.) We shall also assume that the concentrations 
of catalyst acids and bases present remain constant during t he 
reaction, and that HR and RH arc such weak acids and bases 
that the proportion of R- or (HRH)’ present is always very 
small. The kinetics of the process can then be described in 
terms of first-order constants (the values of which depend on 
the catalysts present) and the problem is very similar to that 
investigated in section (b) of this chapter. 

If the transformation takes place by way of the ion R- the 
scheme becomes 

k\ k 2 

HR, - R--> RH, (8) 

where k_ x > k\. We can distinguish between three cases. 

(Ilia) k 2 > k_ j. The ion R- is transformed into RH as soon 

as it is formed, and the observed first-order velocity constant 

%/ 

is equal to k\. k\ will be a function of the concentrations of 
all the basic species present, and general basic catalysis will be 
observed. 

(Ill b) k 2 <^k_ v The equilibrium HR ^ R" is practically 
undisturbed, and the velocity is determined by the rate at 
which R~ adds on protons to give RH. The expression for the 
reaction rate is v = A* 2 [R _ ] = [R~] £ ~,[A,], where the A,'s are 

I 

the various acids present and the 77 ^’s the specific proton transfer 
rates associated with them. This can, however, be written in 
another form. Since HR and R~ are in equilibrium with the 
acid-base pairs Af-B f , we have 


and hence 


[B,][HR] 

[A,][R-] 

» = [R-] 2 ^[A,] = [HR] 2 7r i[B,]//Q, 


( 9 ) 


i.e. the reaction again appears experimentally as general basic 
catalysis of the substrate HR, though the rate-determining step 
is actually general acid catalysis of the ion R _ . 

(Illc) k 2 ~ k_ v Onty a fraction °f the i° ns 

formed from HR is transformed into RH, and the first-order 


4503 
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velocity constant is given by k^k 2 j{k i)* 1^ o*fiy on© acid- 
base pair A-B has any catalytic effect we can write 

k 2 = 7r[A], = ^[A], k 1 = 7T [B], 

and the observed velocity constant is given by 

k = ^-[ B]. (10) 

7 T —pTT 


The observed behaviour thus corresponds to general basic cata¬ 
lysis of RH, though actually the rate is determined only partly 
by this, and partly by acid catalysis of R“. If, on the other 
hand, several acid-base pairs A^-B; are present, we must write 


k 2 = 2 ^[A*], k_ x — 2 ffJA,], k x — 2 


givmg 


k 


2 <[B f ] 2 n'lAJ 


2 7r i[^t]+ 2 


( 11 ) 


If it is permissible to write 


77 


77 


7r. 


77, 


-* = ... = jS, 


77. 


( 12 ) 


where ft is the same for all catalysing acids, then (11) reduces to 


* - if* 2 < 13 > 

l 

again corresponding to general basic catalysis by all bases 
present. However, there seems to be no reason to suppose that 
the condition (12) will be generally satisfied, and in that case 
equation (11) cannot be further simplified.t Under such cir¬ 
cumstances general basic catalysis of RH will be observed 
qualitatively, but will not follow the usual simple laws: in 
particular the catalytic effect of several basic catalysts present 
simultaneously will not be additive. It is doubtful whether this 

case has been met with in practice. 

The position can be summed up as follows. If the reaction 
HR -> RH goes by way of the ion R~ (present in negligible 
concentration), then general basic catalysis will always be 


■j Cf. Zucker and Hammett, J. Amer. C/iem. Soc. 61, 2786, 1939; Skrabal, 
Z. Elektrochem, 46, 140, 1940. 
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observed. The velocity is determined by one or both of the 
following proton transfer reactions 


HR+ 2 B -> R--|- ^ A (14) 

R"+ 2 A->RH-{- £B, (15) 


the exact position depending on the electronic structure of the 
ion R". If the addition of a proton to R- gives predominantly 
RH (k 2 > k^), then reaction (14) determines the velocity. If, 
on the other hand, addition of a proton to R- gives pre¬ 
dominantly HR (A*o < A-_j), then reaction (15) is rate-deter¬ 
mining. If the addition of a proton to R~ gives comparable 
amounts of HR and RH, both reactions (14) and (15) will 
influence the rate, and the effect of several basic catalysts acting 
simultaneously will not in general be additive. It is doubtful 
whether this last case has been met with in practice. 

Exactly the same treatment is applicable to isomerization by 


the route 


HR+ 2 A-> (HRH)++ £B 
(HRH)++ 2B->RH+2A, 


(1C) 

(17) 


where the concentration of (HRH) + is small throughout. 
General acid catalysis will be observed, and the rate will be 
determined by either or both of the proton-transfer reactions 
(16) and (17). If the removal of a proton from (HRH) + gives 
predominantly RH, (16) determines the rate, while if it gives 
predominantly HR, reaction (17) is rate-determining. If the 
removal of a proton from (HRH) + gives comparable amounts 
of HR and RH, both (16) and (17) will influence the rate, and 
the effect of several catalysts acting simultaneously will not in 
general be additive. 

These findings may be compared with those arrived at when 
only single-stage catalysed reactions were being considered 
(pp. 123-7). In the single-stage case the existence of a pre- 
equilibrium between catalyst and substrate (cases lb, II b) 
always leads to an apparent specific catalysis by hydrogen or 
hydroxyl ions, and general acid or basic catalysis is not ob¬ 
served. It is true that even in what we have termed ‘single- 
stage’ catalysis two stages must actually be involved: e.g. if the 



132 


THE MECHANISM OF ACID-BASE CATALYSIS 


reaction goes by way of the ion SH+, this ion must lose a proton 
to a base before the final product is formed. However, in the 
single-stage catalysis the velocity of this second step is in¬ 
dependent of the concentration or nature of the base which 
receives the proton, and it is this circumstance which makes 
the kinetic behaviour differ from that of a true prototropic 
reaction. 

In case (Ilia), considered above, the rate of prototropic 
change is determined by a simple proton transfer, and we shall 
expect to find a simple relation between the observed catalytic 
effect of different acids (or bases) and their acid (or basic) 
strength (see pp. 116-20). It is easy to show that this will still 
be the case when there is a pre-equilibrium between catalyst 
and substrate (case III b). Thus, if the reaction goes by way 
of the ion (HRH) + and this ion is in equilibrium with HR, the 
equation analogous to (9) is 


» = [(HRH)+] 2 77 t .[B,.] = [HR] 2 irJA*]*;, (18) 

i i 

where 7 r t - now refers to the rate of proton transfer from (HRH)+ 
to the base B,-, and K\ is given by 


[Bf][(HRH)+] _ 
[A f ][HR] 


(19) 


For a given reaction HR -> RH, K\ is proportional to the acid 
constant for the acid-base pair A^-B^, and we can therefore 

Write = Gil/Kfr, (20) 

where a is less than unity and O is a constant for a series of 
similar acid-base pairs. Substituting in (18), we have 

k = »/[HR] = Gf 2 (A';.)1-[A,.], (21) 


i.e. the catalytic effect of different acids is related to their 
strengths by a BrOnsted relation of the usual type, although 
actually the acids present are in equilibrium with HR, and the 
rate is determined by the transfer of protons from (HRH)+ to 
the bases present. Exactly the same treatment applies when 
the reaction takes place through the ion R~. 

The fact that both an acid and a base are involved in the 
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above mechanisms led Lowryf to suggest that prototropic 
changes take place by the simultaneous addition and removal 
of a proton, and thus involve a termolecular reaction between 
the substrate, an acid, and a base. On this assumption the 
expression for the rate must be made up of terms containing 
the product of acid and base concentrations, i.e. we should 
have k = ^ y instead of the usual expression 

& = 2 I*' aqueous solutions it is not very 

i / J 

easy to distinguish between the two possibilities, since water 
molecules are present in large and constant concentration, and 
can act either as acids or as bases. Dawson and SpiveyJ con¬ 
sider that their results on the iodination of acetone in acetate 
buffers can only be interpreted by including a term involving 
the product of the concentrations of acetate ions and acetic 
acid. Omitting terms for catalysis by hydrogen and hydroxyl 
ions, their expression is 


10 «r = 0 - 006 + l-30[HAc]+3-3[Ac - ]+3-5[HAc][Ac~]. 

The last term represents only a small fraction of the total 
velocity, and it may be doubted whether its existence has been 
unambiguously demonstrated. In any case it is easily shown 
that the reaction cannot go exclusively or even chiefly by the 
termolecular mechanising If this were so, the terms in the 

above expression would correspond to the following termole- 
cular reactions: 


Acid Base 

(а) HoO -f acetone -fH 2 0 

(б) HAc-f acetone + H 2 () 

(c) HoO -f acetone -f Ac - 

(d) HAc-f acotone-f- Ac - 


Relative velocity 

0006 

1-3 

3-3 

3-5 


By comparing (a) and (6) it will be seen that on changing the 
acid from H 2 0 to HAc (the base being in each case H.,0) 
the rate is increased by a factor of 220. We should therefore 

f Lowry, J. Chern. Soc. 2554, 1927. 

X Dawson and Spivey, ibid. 2180, 1930. The authors attribute the product 
term to catalysis by a complex acetate ion CH 3 COOH, CH 3 COO-, but there 
is no independent evidence for the existence of this ion. 

§ Pedersen, Den almindelige Syre- og Basekatalyse, Copenhagen 193* • J 
P/it/5. Chem. 38, 581, 1934. 
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expect a similar increase in going from (c) to (d), where the acid 
again changes from H 2 0 to HAc and the base is in both cases 
Ac - . The observed value for reaction ( d ) is thus 200 times 
smaller than would be expected on the termolecular hypothesis. 

It seems likely that the termolecular theory is inapplicable in 
most cases of prototropy, though some observations on the 

system >CH.N:C< ^ >C:N.CH in alcoholic solution have 

been interpreted in terms of this theory.t There are, however, 
alternative possible explanations for the observed phenomena.} 

In principle it should be possible to discriminate more clearly 
between bimolecular and termolecular mechanisms by making 
experiments in aprotic solvents, or in solvents which are either 
purely acidic or purely basic. Actually we have seen in Chap¬ 
ter VI that other complications arise in non-aqueous solvents, 
and it can only be stated that none of the results obtained 
lends any positive support to the termolecular hypothesis. 
Mention must be made of the well-known observations of 
Richards and Lowry on the mutarotation of tetramethyl- 
glucose.§ They found that the mutarotation did not take place 
at a measurable rate in dry pyridine (possessing no acid pro¬ 
perties) or in dry cresol (possessing hardly any basic properties), 
but that it was rapid in a mixture of the two solvents, or in 
either solvent when moist. This shows clearly that both an 
acid and a base must take part in the reaction. It does not, 
however, show that they react simultaneously with the sub¬ 
strate, since when the acidity or basicity of the medium is 
varied widely either the addition or the loss of the proton may 
become the rate-determining step, with a consequent large 

change in velocity. 

Few measurements have been carried out on the actual rate 
of interconversion of two prototropic modifications. On the 
other hand, there are other types of change (notably halogena- 
tion, racemization, and isotopic exchange) which are more 

t Ingold and Wilson. J. Chem. Soc. 93. 1934; Hsil, Ingold, and Wilson. 

ibid. 1778, 1935. . XT v . 1QAn 

% Hammett, Physical Organic Chemistry , p. 247, New York, 1940. 

§ Richards and Lowry, J. Chem. Soc . 1385, 1926. 
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accessible experimentally and which arc believed to involve the 
same kinetic steps as prototropic isomerization. It is thus often 
possible to apply the above type of treatment to reactions 
where the existence of two prototropic forms is purely hypo¬ 
thetical. Some of these changes are in fact kinetically simpler 
than prototropic isomerization, since they may involve only 
the first step of the prototropic mechanism. We shall not 
attempt to give here any survey of the various types of reaction 
which fall under this heading, since this has already been done 
elsewhere.f Instead we shall give an account of the prototropic 
reactions of ketones, which have been fully studied and which 
provide a good example of the way in which a number of 
different types of observation can be correlated. 


(d) The prototropy of ketones 


The transformations which the ketone itself can undergo are 
represented in the following schemes: 

Basic Catalysis 


>CH.C:0 


Acid Catalysis 

>CH.C:0 



*1 \ / 

^ >CH.C:OH + 

k-i 

(II) 




It may be noted that the ion (II) cannot have an alternative 
electronic structure, since carbon cannot have a covalency 
greater than four. 

In the case of simple mono-ketones like acetone or aceto¬ 
phenone the equilibrium between the keto and enol forms lies 
completely on the side of the keto form, and the supposed pre¬ 
paration of their unstable enols by indirect means has been 
disputed.{ Most of the kinetic measurements have therefore 

t See Wilson, Trans. Farad. Soc. 34, 175, 1938 ; Hammett, Physical Organic 
Chemistry , New York, 1940. 

t Kohler and Thompson, J. Amer. Chetn. Soc. 55, 3822, 1933. 
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been made on the rate of halogenation of acetone and other 
ketones. It has already been seen (pp. 69-71) that the rate of 
this reaction is independent of the concentration of the halogen, 
and that there is general catalysis by both acids and bases. 
This was originally explained-)* by supposing that halogenation 
could only occur through the formation of enol, which was 
assumed (by analogy with the known enol forms of diketones, 
etc.) to react very rapidly with halogen. The measured rate of 
halogenation is then actually the rate of enolization, and the 
lack of dependence on the halogen concentration is accounted 
for. The modern interpretation accepts this view for acid cata¬ 
lysis, but supposes that in basic catalysis it is the ion (I) which 
reacts with halogen, so that the enol is never actually formed. 
According to present views the halogen molecule is an ‘electro¬ 
philic’ reagent (i.e. one which desires electrons) and it will 
therefore react more readily with the negatively charged ion 
than with the enol itself. On the other hand, the positive ion 
(II) will probably react with halogen less readily than the keto 
form, so that in acid catalysis halogenation does not take place 
until the enol itself has been produced. 

If the ketone is dissolved in a solvent containing readily 
ionizable hydrogen (e.g. water), then the formation of the ion 
(I) will allow interchange to take place between the hydrogen 
of the ketone and the hydrogen of the solvent. The rate of 
exchange can be measured by making use of deuterium, the 
isotope of hydrogen, and should be equal to the rate of ioniza¬ 
tion. Further, if it can be assumed that the ion formed from 
an optically active ketone R^RgCH. CO. R has an equal chance 
of reverting to either optical configuration, then the rate of 
racemization will also provide a measure of the rate of ionization 
in this case4 Under conditions of basic catalysis, therefore, we 


f Lapworth, J. Chem. Soc. 30, 1904. 

t It is, however, by no means certain whether ionization will always involve 


R 


o- 


racemization. The ion represented by is planar, and its forma¬ 

tion will always involve loss of optical activity. However, the actual ion is 
supposed to derive partly from the structure which is non-planar 

and might or might not racemize readily. There is still some doubt about the 
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rnay expect to find identical rates of halogcnation, isotopic 
exchange, and racemization. There is no case in which all three 
rates have been compared, but there are several comparisons 
of two of these processes. Thus Hsii and Wilson ]- have com¬ 
pared the rates of bromination and racemization of the ketone 



COOl l CM, 
/ ‘ 
CH 2 .CH .CO 



in aqueous acetic acid, catalysed by acetate ions. The two first- 
order constants were 0*0471 and 0-0438 respectively: though the 
difference appears to be somewhat larger than the experimental 
error the rates are substantially the same. A comparison of the 
rates of racemization and deuterium exchange has been carried 
out for the ketone C 6 H 5 CO. ( 1 H(CH 3 )C 1 2 H 5 .?J; The ketone was 
dissolved in a mixture of dioxane and deuterium oxide con¬ 
taining sodium deuteroxide: since the deuterium oxide was 
present in large excess, the rate at which the ketone took up 
deuterium should be nearly equal to the rate of ionization of 
hydrogen. The rates of exchange and racemization did not 
differ by more than a few per cent. 

The rates measured under conditions of basic catalysis thus 
actually refer to a single-stage ionization, and not to a genuine 
prototropic reaction. For this reason the relative values of k_ l 
and A* 2 are not of importance in interpreting the above observa¬ 
tions. In acid catalysis , on the other hand, the two steps of 
the prototropic change must be involved in the rates of both 
racemization and halogenation. If the amount of enol present 
is throughout small (as can be assumed for monoketones), it is 


optical stability of those ‘carbonium’ ions (cf. Hammett, Physical Organic 
Chemistry , p. 67, Now York, 1040), and the actual state of affairs probably 
depends upon the particular compound concerned, and possibly also on the 
ability of the solvent to solvate the ion. The rate correspondences found for 
simple ketones indicate that ionization is always accompanied by racemiza¬ 
tion, but it is dangerous to draw conclusions about mechanism by making 
the same assumption in other cases where these correspondences are not found 
(e.g. Ingold and Wilson, Chcm. Soc. 93, 1934; Hsu, Ingold, and Wilson, 
ibid. 1778, 1935). 

f Hsu and Wilson, ibid. 623, 1936. 

X Hsu, Ingold, and Wilson, ibid. 78, 1938. 

4503 <p 
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easily seen that the velocity constants of halogenation and • 
racemization should be identical, both having the value 
k. & 2 /(^ 2 +^-i) ( c f* PP- 128-35). The equality of the rates of 
acid-catalysed halogenation and racemization has in fact been 
shown for both the optically active ketones mentioned above,f 
and the rates of acid-catalysed bromination and hydrogen iso¬ 
tope exchange have been shown to be equal for acetone. J 
The nature of the rate-determining step (i.e. the relative 
values of k and k 2 ) can only be elucidated by further experi¬ 
ments. Several different pieces of evidence indicate that 
k_ x > k 2 > i.e. that the ion (II) is in equilibrium with the ketone 
and the acid catalysts, the rate of enol formation being deter¬ 
mined by the rate of removal of protons from the ion. In the 
first place the addition of acids to optically active catalysts in 
non-aqueous solvents causes an instantaneous change of rota¬ 
tion, followed by a slow racemization.§ This is most readily 
explained as being due to instantaneous protolytic reaction 
between the catalyst and the substrate, and this view receives 
confirmation from cryoscopic measurements. The second piece 
of evidence is less direct, but probably more convincing. If 
k_ x k 2 , the rate would be determined by the addition of a 
proton to the ketone, so that in a series of ketones we should 
expect to find a relation between the rate of halogenation (or 
racemization) and the basic strength of the ketone. If, on the 


other hand, k_ x > k 2 , the rate is given by k 2 


h. 


Of these two 


factors kjk^ is an equilibrium constant which will be related 
to the basic strength of the ketone, but k 2 is an unrelated 
velocity constant referring to the removal of a proton from 
a different part of the molecule: hence the observed velocity 
should show no correlation with the basic strength of the 
ketone. A comparison of this kind has been carried out by 
Hammett and his co-workers. The relative basic strengths of 


t Ingold and Wilson, J. Chetn. Soc . 773, 1934; Bartlett and Stauffer, »7. 
Atner. Chetn. Soc . 57, 2580, 1935. 

t Reitz, Z. physikal. Chetn. 179, 119, 1937. 

§ Bell and Caldin, J . Chem . Soc . 382, 1938; Bell, Lidwell, and Wright, ibid. 
1861, 1938. 
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six substituted acetophenones were determined by measuring 
their ultra-violet absorption spectra in sulphuric acid-water 
mixtures, thus determining what proportion of the ketone had 
been converted to ions.t The rates of halogenation of the same 
ketones were measured in 1-4 M perchloric acid, and the ob¬ 
served velocities showed no correlation with the basic strengths. J 
This observation is consonant with either of the conditions 
k k 2 and Aq ~ However, we have seen (p. 13o) that in 
the latter case the effect of several catalysts acting simul¬ 
taneously will not in general be additive. No departures from 
additivity were observed in the above experiments, so that it 
is probably safe to assume that A*_ a '> A\». It will be seen in the 
next section that the same conclusion is reached by considering 
the effect of replacing hydrogen by deuterium. 

In ketones where one or more of the hydrogen atoms of 
acetone have been replaced by halogen the rate of base-cata¬ 
lysed halogenation is greatly increased, and it becomes impos¬ 
sible to detect acid catalysis in aqueous solution.§ This can 
be reasonably accounted for by the electrostatic effect of the 


+ - 


C_Cl dipole, which will facilitate the ionization of the proton. 

A still greater velocity is reached in compounds containing more 
than one C=0 group attached to the same C1I, as in aceto- 
aeetic ester or acetylacetone. In this case the increase in rate 
is probably due to the increased possibilities of resonance in the 
ion, e.^. in acetoacetic ester we can write the three structures 


O 


O 


O 


O 


() 


() 


CH 3 C. CH. C. OEt, CH 3 C: CH. C. OKt, CH 3 C. CH: C. OEt. 

The same circumstance makes the apparent acidic strength of 
acetoacetic ester very much greater than that of acetone. Its 
ionization constant in water at 25° is K = 2-0 x 10 -11 , which 


f Flexser, Dingwall, and Hammett, J. Amer. Chen i. Soc. 57, 2103, 1935; 
Floxser and Hammett, ibid. 60, 885, 1938; Zucker and Hammett, ibid. 61, 
2785, 1939. 

\ Zucker and Hammett, ibid. 61, 2785, 1939. 

§ Watson and Yates, J. Chem. Soc. 1207, 1932; Bell and Lidwell, Proc. 
Roy. Soc. A, 176, 88, 1940. 
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is little less than that of many ordinary acids, e.g. phenol has 
K = l*0xl0~ 10 . The pseudo-acid nature of acetoacetic ester 
is, however, apparent in its low rate of reaction with bases to 
produce the ion. In the case of phenol such reactions are im¬ 
measurably fast. We have already seen that this is because the 
electronic structure of the ion derived from acetoacetic ester 
differs from that of the molecule, while phenol and the phenate 
ion have essentially the same structure. 

Acetoacetic ester and other /3-diketones also differ from mono¬ 
ketones in that measurable amounts of the enol form can exist 
in equilibrium with the keto form, so that it becomes feasible 
to measure the actual rate of interconversion of the two forms. 
The relation of the rate of interconversion to the rate of halo- 
genation (i.e. ionization) depends on the relative values of k_ x 
and k 2 . (As before, the rate of base-catalysed halogenation 
depends only on k 1 and is independent of k_ x and k 2 .) In the 
case of acetoacetic ester no actual measurements of inter- 
conversion have been carried out, but data are available for 
predicting the rate at which it would take place. Since the acid 
dissociation of acetoacetic ester is 2*0 X 10 _u it is easy to pre¬ 
pare a solution which is so alkaline that almost all the ester is 
present as the ion. If this solution is acidified, the relative 
amounts of keto and enol ester formed will depend on the ratio 
k-i/k 2 . The amount of enol can be determined by adding 
bromine at the same time as the acid, and estimating how much 
of it is used up immediately. This experiment has been carried 
out by Pedersen,f who found that one mole of bromine reacted 
for each mole of ester: i.e. the addition of a proton to the ion 
produced preponderantly the enol form. This implies k_ x < jfc 2 , 
so that under conditions of basic catalysis the rate of enoliza- 
tion would be determined by the rate of ionization of the ester, 
and would thus be equal to the rate of halogenation. J 

f Pedersen, J. Phys . Chem . 38, 601, 1934; cf. also Grossmann, Z. physikal . 
Chem. 109 , 305, 1924. 

X This assumes that the enol form is removed immediately it is formed, 
thus preventing its reversion to the keto form. Alternatively, a correction 
can easily be applied for the reversibility of the reaction if the position of the 
keto-enol equilibrium is known. 
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Similar considerations apply to the relation between the 
racemization and enolization of/?-diketoncs. Some ex peri mental 
work of this type has been carried out with the mcnthyl ester 
of a-phenylacetoacetic acid.f The freshly prepared ester is 
dextro-rotatory, but on keeping solutions the rotation changes 
gradually, finally becoming laevo. This change is greatly ac¬ 
celerated by small quantities of piperidine or barium hydroxide. 

% 

It is therefore supposed that in preparing the mcnthyl ester 
the a-phenylacetoacetic acid is resolved, and that the muta- 
rotation observed consists in a change from a single optical 
configuration into an equilibrium mixture of t he two configura¬ 
tions. The solid ester is pure keto-form, but in hexane solution 
the equilibrium mixture contains 71 per cent. enol. The amount 
of enol present at any moment can be determined by measuring 
the amount of bromine which reacts immediately, and it is 
hence possible to compare the rate of mutarotation with the 
rate of enol formation. 

Writing E for the enol, I for the ion, and d -Iv and l-K for 
the two configurations of the keto-ester, the reaction scheme is 


*1 




d -K ^ I ^ /-K. 

£_i k _ 3 

/• ^ /' 

A o 

Art M 

E 


If the ion behaves in the same way as for the very similar 
compound acetoacetic ester, we should have k 2 + and 

hence the initial rate of enol formation (before the back reaction 
becomes appreciable) should be equal to the rate of mutarota¬ 
tion. Actually, however, Kimball found that the initial rate 
of mutarotation was about four times the rate of enolization. 
The whole course of the reaction can be treated quantitatively 
if we make the assumption k 3 = k_ l (justified by the fact that 
the centre of asymmetry in the menthyl group is far removed 
from the reacting centre) and use the known position of the 
keto-enol equilibrium to obtain another relation between the 
velocity constants. When this is done it is found that for every 

f Kimball, J. Amer. Cheni. Soc. 58, 1963, 1936. 
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ion which goes on to form the end, approximately two revert 
to the mixture of d -K and Z-K. This is in sharp contrast to 
the case of acetoacetic ester, where almost every ion is trans¬ 
formed to enol. There is no obvious explanation of this large 
difference between these two apparently very similar com¬ 
pounds though it may be connected with the drastic change 
of solvent (from water to cyclohexane). It would clearly be 
desirable to obtain some more comparisons between rates of 
bromination, racemization, and enolization, and if possible to 

compare all three rates for one compound. 

It should be mentioned here that a mechanism has been 

proposed for base-catalysed prototropy which differs essentially 
from that described above.t It supposes that the basic catalyst 
is first added to the substrate, e.g. for a ketone and an anion 
base B _ the mechanism is supposed to be 

I 

>CH.C:0+B- —CH.C<_ -> 


)>C:C.O+H++B- -> )€:C.OH+B-. 

This series of reactions is certainly feasible, but there are no 
experimental or theoretical reasons for preferring it to the usual 
scheme.! Moreover, it is difficult to see how addition can take 
place with an uncharged base, and there can be no doubt that 
such bases can act as catalysts in the prototropy of ketones. 

The prototropic change of ketones (as evidenced by racemiza¬ 
tion) is catalysed by solutions of acids in solvents which are 
completely devoid of acidic or basic properties (cf. p. 106). it 
seems at first sight difficult to reconcile this fact with the two- 
sta^e mechanism normally accepted: e.g. in a solution of acetic 
acid in benzene there appears to be no base present which can 
bring about the second stage. However, it must be remembered 
that the initial transfer of a proton from the acid to the ketone 
leaves an acetate ion, which can act as a base. In solvents of 


+ Watson Nathan, and Laurio, J. Client . Physics, 3, 170, 1935. , 

t The supposed acidity of lialogcnated kotonos, which was reported in the 
abovo'papor and used as an argument for the addition of basic muons, was 
Uter found to be duo to the hydrolysis of halogen (Edwards, Evans, and 

Watson, J. Chem. Soc. 1942, 1937). 
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low dielectric constant the positive and negative ions will fond 
to remain close together, thus facilitating the return of a proton 
to the acetate ion from the ^>(-H group of the ketone. Alter¬ 
natively, a second acetic acid molecule might act as a base, 
since the >CO group in carboxylic acids has definite basic 
properties.*)* The latter suggestion might account for the com¬ 
plicated relations between reaction velocity and catalyst con¬ 
centration often found for catalysed reactions in aprotic 
solvents. 

(c) The hydrogen isotope effect in acid-base catalysis 

We have already seen that information about mechanism 
can sometimes be obtained by comparing the rate of isotopic 
exchange with the rate of other processes. A further line of 
attack is provided by investigating the change in velocity pro¬ 
duced when one or more of the hydrogen atoms in the catalyst 
or substrate are replaced by deuterium atoms. The simplest 
experimental procedure is usually to carry out the same reaction 
first, in aqueous solution and then in solution in deuterium 
oxide. Since the solvent is present in large excess it is often 
unnecessary to take special steps to introduce deuterium into 
the reacting species. For example, if a small quantity of HOI 
is dissolved in a large quantity of D 2 0 the ‘hydrogen ion’ 
present is almost entirely OD^, and if nitramide (NH 2 N0 2 ) is 
dissolved in I) 2 0 it is immediately converted almost completely 
into ND 2 NOo. On the other hand, in some cases exchange takes 
place slowly or not at all: for example, if acetone is dissolved 
in D 2 0 the hydrogen atoms are replaced only slowly by deute¬ 
rium, and different results will be obtained with freshly pre¬ 
pared solutions and with solutions which have been kept for 
some time. It is therefore necessary to consider the exchange 
possibilities carefully in interpreting the observed change of 
velocity. 

Under the simplest conditions the effect of isotopic sub¬ 
stitution is merely to replace a proton-transfer reaction by a 
deuteron-transfer reaction. In many respects the two cases are 

t Flexser, Hammett, and Dingwall, J. Atncr. Chcm. Soc. 57, 2103, 1935. 
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identical, since the electronic configurations (and hence the 
intermolecular and intramolecular forces) are not appreciably 
affected by the change of isotope. The change of mass will 
affect the thermal velocity and hence the collision number, but 
in the reactions of acid-base catalysis the hydrogen or deuterium 
normally forms part of a much heavier molecule, and this mass 
effect is negligible. A much more important effect is the differ¬ 
ence in the zero-point energies of the hydrogen and deuterium 
compounds. According to the quantum theory the energy of 
a vibrating system can never fall to zero. Even at the absolute 
zero the vibration will have an energy \hv, where h is Planck’s 
constant and v the frequency of vibration. Moreover, the next 
possible energy level is f hv, and the difference hv usually 
amounts to several thousand calories per mole: hence at 
ordinary temperatures practically all the molecules present will 
have only the zero-point energy \hv in the vibrational degree 
of freedom considered. If we are comparing hydrogen and 
deuterium compounds the forces acting will be the same in^he 
two cases, but owing to the difference in mass the vibrations 
of the hydrogen compound will have a higher frequency than 
those of the deuterium compound. The zero-pomt energy of 
the hydrogen compound will therefore be the greater, and at 
ordinS&S temperatures the molecules containing hydrogen will 
possesfmore energy than those containing deuterium. This 
means that the hydrogen compound wiU require less energy 
to convert it into the activated state than will the deuterium 
compound, and it would therefore be predicted that the replace¬ 
ment of hydrogen by deuterium would always lead to a decrease 
in reaction velocity-t An additional reason for expecting deute- 


t The difference in the zero-point energies of the normal molecules will be 
tosome ex ent counteracted by a corresponding difference in the zero-pomt 
ener S tes of the activated state. However, the hydrogen or deuterium nucleus 
wiH be much less firmly bound in the activated state than in the normal 
molocules so that tho values of v and the zero-pomt energies will be smaller , 
hence the’above statement will still be qualitatively correct. The position will 
only be reversed when we are dealing with the reaction of free hydrogen or 
douterhim atoms. In this case there is no zero-point energy m the initial state, 
and the difference of zero-point energies in the ectivated sUite s hould lead to 
a smaller activation energy for deuterium than for hydrogen. (Cf. Potanyi, 


Nature , 133 » 26, 1934.) 
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rium compounds to react more slowly than hydrogen ones is 

found in the so-called ‘tunnel effect\ which is discussed in the 
following chapter (p. 192). 

The experimental results do not hear out this simple expecta¬ 
tion. A selection of the available data is given in 'fable XXI 
It will be seen that the ratio k D /k n is sometimes greater and 
sometimes less than unity, its value depending on the nature 
of the reaction, the nature of the catalyst, and (in one case) 
even on the catalyst concentration. The figures in Table XXI 
refer to substrates which have exchanged with the deuterium 
of the solvent as completely as is possible at ordinary tern- 
peratures. 

It is generally accepted that in cases where 1 he substitution 
of deuterium for hydrogen causes an increase in rate there must 
be a pre-equilibrium between the catalysts and the substrate. 
Thus, when the hydrogen ion is the catalyst, it is supposed that 
the equilibrium 

S+OH+ ^ SHM-HoO 


is completely set up, and that the rate is determined by the 
further reaction of SH+. The effect of replacing hydrogen bv 
deuterium will then depend not only on the rates of reaction 
of SH+ and SD+, but also on the relative values of the equili¬ 
brium constants [OH 3 + ][S]/[SH+] and [OD + ]fS]/[SD *].which 
are the dissociation constants of the acids SH + and DH + . 
These two constants will in general differ (owing to differing 
zero-point energies and other factors), but it is not possible to 
predict a priori which of them will be the greater. Actually 
experimental work has shown that deutero-acids always appear 
to have smaller dissociation constants than the corresponding 
proto-acids, probably because D 2 0 has somewhat weaker basic 
powers than H 2 0.| This means that under comparable con¬ 
ditions the concentration of the SD+ ion will be greater than 
that of the SH+ ion, and the assumption of pre-equilibrium 


t See e.g. Schwarzenbach, Z. Eleklrochem. 44, 40, 1938; Lewis and Schulz, 
J. Amer. Chctn. 6’oc. 56, 1913, 1934; Korrnan and LaMer, ibid. 58, 1390, 1936; 
Rule and LaMer, ibid. 60, 1934, 1938; Martin and Butler, J. Chem Soc 
1366, 1939. 
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Table XXI 

The hydrogen isotope effect 



... '■ 




. * " \ .... 


'.« . 1 


? 

\ 



Reaction 

Tempera¬ 

ture 

Catalyst 

^d/^h 

(a) Bromination of 2-carboxy- 

25° 

Acetate ion 

0-23 

benzylindan -1 -one 




( 6 ) Bromination of acetylacetone 

25° 

Waterf 

0-53 

(c) Decomposition of nitramide 

25° 

Water 

0*26 



Acetate ion 

0*49 

(d) Decomposition of diacetone 

15° 

Hydroxyl ion 

1-22 

alcohol 




(e) Mutarotation of glucose 

25° 

Water 

0*26 


i 

: 

Acetate ion 

0*42 



Hydrogen ion 

0*68 

(/) Inversion of cane sugar 

25° 

99 

2*06 

(< 7 ) Decomposition of diazoacetic 

0 ° 

99 

2*07 

ester 




(h) Bromination of acetone 

25° 

99 

2*10 

Hydrolysis of: 




(i) methyl acetate 

25° 

99 

1*68 

(j) acetal 

15° 

99 

2*66 

( k ) ethyl orthoformate 

15° 

99 

2*05 

(l) ethyl orthocarbonate 

25° 

99 

l '% 



Acetic acid 

odo 

(m) acetamide 

25° 

Hydrogen ion: 




01 N 

1*50 



2-3 N 

1*00 



4-0 N 

0*86 

(n) Neutralization of the ion of 

5° 

Hydrogen ion 

1*00 

nit rome thane 





(а) Wilson, J. Chem . <Soc. 1550, 1936. 

(б) Nachod, Z. physikal. Chem. 182 A, 193, 1938. 

(c) Liotta and LaMer, J. Amer. Chem. Soc. 60, 1967, 1938. 

( d ) Homel and Butler, J. Chem. Soc. 1361, 1936. 

(e) Pacsu, J. Amer. Chem. Soc. 55, 5066, 1933; 56, 745, 1934; Moelwyn- 
Hughes, Klar, and Bonhoeffer, Z. physikal. Chem. 169 A, 113, 1934; 
Moelwyn-Hughes, ibid. 26 B, 272, 1934; H amill and LaMer, J. Chem. 
PhysicSj 4, 395, 1936. 

(/) Moelwyn-Hughes and Bonhoeffer, Naturiviss. 22, 174, 1934; Gross, Suess, 
and Steiner, ibid. 22, 662, 1934; Trans. Farad . Soc. 32, 883, 1936; Hamill 
and LaMer, J. Chem. Physics , 4, 294, 1936. 

(< 7 ) Gross, Steiner, and Krauss, Trans. Farad. Soc. 32, 877, 1936. 

(h) Reitz, Z. physikal. Chem. 179 A, 119, 1936. 


j- These experiments were done in acid solution and were considered by the 
author to refer to hydrogen-ion catalysis. However, it has been recently shown 
(Bell and Lidwell, Proc. Roy. Soc . A, 176, 88, 1940) that in acid solution the 
velocity is independent of the hydrogen-ion concentration, and must be attri- . 
buted to catalysis by water molecules. 
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(»), (/). anc * (*) Homol and Butler, J. Chem. Soc. 1301, 1030. 

( l ) Wynne -Jones, Trans. Farad. Soc. 34, 245, 1038. 

(m) Roitz, Z. Elcktrochem. 44, 093, 1038; Z. physikal. Chan. 183 A, 371, 

(n) Moron and LaMor, J. Arncr. Chcm. Soc. 61, 002, 1030. 


1030. 


thus provides a satisfactory explanation of the increase in 
velocity which is observed. 

It will be observed that the increase in velocity in cases (</), 
(/). (?). (*). (0, O'). and (*) is associated with reactions which 
are known to be catalysed specifically by hydrogen or hydroxyl 
ions. This agrees with the conclusion previously reached (p. 124) 
that in reactions involving a single proton transfer the existence 
of a pre-equilibrium between catalyst and substrate should 
always lead to an apparent specific catalysis. It was in fact 
believed at first that a value of k D /k u greater than unity would 
constitute an infallible criterion of genuine specific catalysis, 
and would serve to discriminate between genuine cases and 
those cases in which general catalysis was present but was 
obscured by experimental difficulties. However, this simple 
view needs some qualification. In the first place we have 
already seen that the existence of a pre-equilibrium floes not 
lead to apparent specific catalysis in the case of prototropic 
changes involving two successive proton transfers. For this 
reason the hydrogen-ion catalysed bromination of acetone (/*) 
has k Dl lk u > 1, although the reaction is well known to be cata¬ 
lysed by acids in general. In the second place there may be 
many reactions which behave like the hydrolysis of ethyl ortho- 
carbonate (/), where k D /k n > 1 for catalysis by hydrogen (or 
deuterium) ions, but k D /k u < 1 for catalysis by acetic acid 
molecules. This behaviour is best explained by supposing that 
in the reaction scheme 

^*-1 

S+A ^ SH++B 

K 



we have k _ x ^ k 2 . The rate is then given by expressions like 
equation (4) (p. 124), and it is possible for the velocity to be 
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either increased or decreased by substituting deuterium for 
hydrogen. This case is intermediate between the two usual 
assumptions k_ x ;> k 2 (pre-equilibrium, specific catalysis) and 
k_ x k 2 (no pre-equilibrium, general catalysis), and it should 
result in rather complicated relations between the reaction 
velocity and the catalyst concentration. The hydrolysis of ethyl 
ortho-carbonate is the only reaction so far investigated which 
appears to be of this type. 

The acid hydrolysis of acetamide (m) represents a special case 
of some interest. We have already seen (p. 126) that for this 
reaction there is good evidence for the existence of a pre¬ 
equilibrium, since at high acid concentrations a large proportion 
of the acetamide is converted into the ion SH+, and the velocity 
increases less rapidly than the hydrogen-ion concentration. The 
results with deuterium bear out this interpretation. At low acid 
concentrations the difference in the acid constants of SD+ and 
SH + is the determining factor, and kjy/k H > 1 as usual. At high 
acid concentrations, however, most of the acetamide is con¬ 
verted into the ion both in H 2 0 and D 2 0; hence the deter¬ 
mining factor becomes the relative reaction rates of SH+ and 
SD + , leading to k D /k K < 1. 

The above considerations apply to the effect of replacing 
hydrogen completely by deuterium. In the case of acid catalysis 
it is also possible to obtain information by studying the way 
in which the velocity varies when the solvent is varied con¬ 
tinuously from 100 per cent. H 2 0 to 100 per cent. D 2 0.*)* Sup¬ 
pose we have a substrate S in a series of H 2 0-D 2 0 mixtures 
containing a fixed concentration of strong acid, and let the 
velocity constant in a mixture containing a mole fraction n of 
D 2 0 be k n . Then, if the reaction involves only a single proton 
transfer and there is pre-equilibrium between the substrate and 
the hydrogen ions, we can write (using a for activity and f for 
activity coefficient) 


*„[S] = i*[SH+]+* d [SD+] = 




f Gross, Steiner, and Suess, Trans. Farad. Soc. 32, 883, 1936. 
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where it can be assumed as a first approximation that k h and 
1c d (the specific rate constants for the two ions) do not depend 
on the isotopic composition. The following equilibrium equa¬ 
tions will also be valid, 


a sn ♦ a n,o _ is 

--*V |J » 

a s a on, + 


r/ SI) 1 r/ I),(> 
«S 



where the standard states can be chosen so that 



a 


u,o 


= a 


on; 


♦ = 1 


in the 100 per cent. H 2 0 acid solution, and « I)j0 = r/ ()I) + = 1 
in the 100 per cent. D 2 0 acid solution. Substituting in (22) we 

obtain _ k h A H / S «oh, + , £,/ A" D / S m 0 d/ /on 

* n r “ ~ I r • 

J SII+ “11,0 a D s O 

It is reasonable to assume that /s>/sn f > and / SU f are indepen¬ 
dent of the isotopic composition, and under these circumstances 
(24) becomes 

y ¥ f i ■ i • 

(25) 
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a Ollt _l /. «()!),' 

H ---T* D 

a \l t O a 


D,() 


where k n and £ D are the velocity constants for n = 0 and n = 1 
respectively. The values of aoH, + / fl n,o and a 0 D, f / a n,o are in¬ 
dependent of the nature of the reaction concerned, and the 
form of the curve relat ing k n and n should theref ore be the same 
for any reaction in which there is genuine specific hydrogen-ion 
catalysis. These activity ratios will not be simply related to the 
composition of the solvent n , since the position is complicated 
by equilibria of the type 

HoO + DoO ^ 2DHO 

% 

OH++OD+ ^ OH 2 D+ + OD 2 H+. 

They can, however, be derived from thermodynamic measure¬ 
ments (e.g. on the dissociation constants of weak acids in H 2 0- 
D 2 0 mixtures), so that it becomes possible to test equation 
(25). The theoretical variation of k n with n for various values 
of k D /k R is shown in Fig. 12, and it will be seen that the plots 
are far from linear. Alternatively, the variation of aoH, + / a H,o 
and aoD, + / a D,o with n can be determined by applying (25) to 
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the kinetic data for one catalysed reaction, and the values 
obtained applied to predict the velocity variation for other 
reactions. These tests have been successfully applied to the 
decrmposition of diazoacetic esterj and the hydrolysis of acetal, 



Fig. 12. Variation of rat© with deuterium content 
for acid catalysis, assuming thermodynamic equili¬ 
brium between catalyst and substrate. 


ethyl orthoformate, ethyl formate, and methyl acetate4 the 
inversion of sucrose there seems to be a small discrepancy 
between the observed and calculated results, but it is doubtful 
whether this exceeds the experimental uncertainty.§ These six 
reactions are specifically catalysed by hydrogen ions. Fair 
agreement is also obtained in the acid catalysed bromination 

t Gross, Steiner, and Suess, Trans. Farad. Soc. 32, 883, 1936. 

t Orr and Butler, J. Chem. Soc. 330, 1937; Nelson and Butler, ibid. 967, 
1938; Bresciu and LoMer. J. Amer. Chcm. Soc. 60, 1962, 1938. 

§ \Vynno*Jone 9 , Trans. Farad. Soc . 34, 245, 1938; Gross, ibid. 34, 261,1938. 




THE MECHANISM OF ACID-BASE CATALYSIS 


151 


of acetone,! once more showing the existence of a pre-equili¬ 
brium, though there is general acid catalysis in tins case. When 
no pre-equilibrium is present there is no reason to expect that 
the dependence of reaction velocity upon D 2 () content will fol¬ 
low equation (25). This is found to be the case in the hydrogen- 
ion catalysed mutarotation of glucose, where the rate decreases 
linearly with the D 2 0 content .% 

The same type of theoretical treatment can he applied to 
catalysis by hydroxyl and dcutcroxyl ions, though the only case 
in which the experiments have been carried out with varying 
deuterium contents is the de-aldolization of diacetone alcohol.§ 
The results show a slight deviation from the predicted varia¬ 
tion, which is taken by tlie authors to show that equilibrium 
between catalyst and substrate is not set up, the rate being 
determined by the initial transfer of a proton from the hydroxyl 
or deuteroxyl ion. However, other evidence indicates that the 
catalyst and substrate are in equilibrium|| and further investiga¬ 
tion of the isotope effect is needed. 

The isotope effect in the ionization of the nitro-paraffins has 
been studied by a number of authors,though their quantitative 
data are not in good mutual agreement. As previously shown 
(p. VI), the rate at which the nitro-paraffin loses a proton to 
a basic anion like an acetate ion can be measured by means 

%s 

of the rate of bromination, while the corresponding rate for 
the hydroxyl ion is best measured by following the change in 
electrical conductivity. By using different bases and by vary¬ 
ing the isotopic composition of the substrate, the catalysts, and 
the solvent a large number of results have been obtained. The 
interpretation of these is somewhat complex, and only a few 
points will be mentioned here. The substitution of deuterium 
for hydrogen in the nitro-paraffin decreases the velocity by a 


t Reitz, Z. physikal. Chen\. 179 A, 119, 1937 ; of. Gross, Trans. Fara<t. Soc. 
34, 261, 1938. 

J Hamill and LaMer, J. Chcm. Physics , 4, 39.5, 1936. 

§ Nelson and Butler, J. Chcm. Soc. 9.57, 1938. 

|| Walters and Bonhoeffer, Z. physikal. Chcm. 182 A, 205, 1938; Hammett, 
Physical Organic Chemistry , p. 344 (Now York, 1940).. 

Wynne-Jones, J. Chcm. Physics , 2, 381, 1934; Reitz, Z. physikal. Chcm. 
176, 363, 1936; Maron and LaMer, J. Amer. Chem. Soc. 60, 2588, 1938. 
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factor of 5-10, the value depending on the nature of the base: 
this is what would be expected on the basis of a simple proton 
transfer. Using acetate ions as catalyst Reitz has measured the 
velocity of bromination of the following four systems, with 


the results given. 

System 

(а) CH 3 N0 2 in H 2 0 

(б) CD 3 N0 2 in H 2 0 
(c) CH 3 N0 2 in D z O 
(tf) CD 3 NO a in D a O 


Velocity at 25° 

1-98 

0-30 

1-73 

0-25 


It will be seen that all four velocities are different. The lack 
of identity between (a) and (6) and between (c) and ( d) shows 
that exchange does not take place before bromination, and con¬ 
firms the view that the ion reacts with bromine immediately it 
is formed. Further, the change in going from (a) to (c) or from 
(6) to (d) (amounting to about 20 per cent.) shows that the 
change of solvent from H 2 0 to D 2 0 involves a considerable 
‘medium effect’. This last fact is a somewhat disturbing one, 
as it throws some doubt on the quantitative conclusions which 
have been drawn on the assumption that such medium effects 
are absent; for example, it was assumed above that k h and k d 
in equation (22) are independent of the isotopic composition of 

the solvent. 

To sum up, it can be said that the study of the hydrogen 
isotope effect has provided a useful auxiliary weapon for 
elucidating the mechanism of catalysed reactions, though its 
decisions have not proved to be so clear-cut as was hoped in 
the early days of the subject. There is clearly much more prac¬ 
tical and theoretical work to be done before the various aspects 
of the isotope effect can be faced with confidence. 
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ACID-BASE CATALYSIS AND THEORIES OK 

CHEMICAL KINETICS 

(a) Acid-base catalysis as a bimolecular reaction 

It is of interest to note that a study of reactions catalysed 

4/ 

by acids and by bases played a considerable part in the early 
history of physical chemistry, in particular in the discovery of 
the fundamental laws of chemical kinetics (Wilhelmy, Ostwald) 
and in the foundation of tHe theory of electrolytic dissociation 
(Arrhenius). This phase was followed by one which dealt chiefly 
with a more refined interpretation of the kinetic material in 
terms of modern views on electrolytes (Brbnsted), in t he course 
of which a number of semi-empirical laws were discovered and 
some insight obtained into the actual molecular mechanisms 
involved. The main features of these developments have been 
given in the earlier chapters of this book. What may be termed 
the systematics of acid-base catalysis are now fairly well ex¬ 
plored, and it thus becomes practicable once more to use a study 
of catalysed reactions as a tool for investigating more general 
physico-chemical problems, in particular modern developments 
in the theory of reaction velocities. 

As has already been pointed out several times, most catalysed 
reactions in solution are essentially bimolecular reactions between 
the catalyst and the substrate, differing only from the ordinary 
type of bimolecular reaction in that the catalyst molecules 
emerge unchanged and thus do not change their concentration 
during the course of the reaction. In recent work on bimolecular 
reactions special interest has been directed to the variation of 
the reaction velocity and its temperature coefficient within a 
series of similar reactions. In such a series it is desirable that 
the velocity should vary over as wide a range as possible, but 
it is also important that the reaction mechanism should remain 
of the same type throughout. Reactions catalysed by acids or 
bases are particularly suitable for this purpose, since the velo¬ 
city can be modified to a large but predictable extent by varying 

4503 v 
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the substituent groups in the catalyst and the substrate, while 
the arguments of the last chapter provide good evidence that 
a proton-transfer mechanism applies to all reactions of this 
hind. Moreover, experimental work is facilitated by the fact 
that in most catalysed reactions the course of a single reaction 
is described by first-order kinetics, owing to the constancy of 
the catalyst concentration. This means that the relative con¬ 
centrations of the catalyst and the substrate can be varied 
widely without affecting the calculation of velocity constants, 
and also facilitates the use of accurate physical methods of 
measuring reaction velocities (e.g. dilatometric or polarimetric 
methods) which are much more convenient when used for first- 
order reactions.*]* We shall also see in the last section of this 
chapter that there are special features connected with proton- 
transfer reactions which give them a unique interest from the 
point of view of physical theory. 

(b) Potential-energy curves in proton-transfer reactions 

One of the most interesting aspects of chemical kinetics is 
the attempt to envisage exactly what happens to the individual 
atoms and molecules when reaction takes place. Much of our 
present information on this subject (and hence much of this 
chapter) is qualitative and speculative, but in view of the funda¬ 
mental nature of the problem even this kind of information is 
of great interest. In this field the concept of activation energy 
plays an important part. Its significance can be illustrated 

roughly by the familiar diagram in Fig. 13. 

The ordinates represent the potential energy of a reacting 
system of single molecules, and the abscissae some spatial 
coordinate l which represents the relative positions of the nuclei 
involved, and which changes continuously during the process 
of reaction. The activation energy E° is then the difference 
between the initial value of the potential energy and the maxi- 

t This is because the scale readings of the dilatometer, polarimeter, or other 
instrument can be employed directly for calculating velocity constants without 
converting them into concentrations and without knowing either the initial or 
the final reading, while no such simplification is possible for reactions of higher 
order. Cf. Guggenheim, Phil . Mag. (2) 7, 538, 1926. 
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mum value which it reaches during the process. (In the figure 
the reaction is supposed to be taking place in the direction of 
increasing /.) According to ordinary mechanical principles A’ 0 
represents the minimum excess energy which the initial system 
must acquire before it can react, and it is in this sense that 
the term ‘activation energy’ has long been used in chemical 



Fig. 13. The concept of activation energy. 


kinetics. When the configuration and energy of the system 
correspond to the maximum point on the curve the system is 
said to be in the transition state (cf. p. 28). 

This picture needs a number of qualifications and amplifica¬ 
tions. In the first place, the assumption of a continuous change 
of potential energy during the react ion process means that there 
can be no quantum jump (e.g. of an electron from one level to 
another). This condition is usually expressed by saying that 
the reaction must be an adiabatic one, and the majority of 
reactions are supposed to take place in this way.f In the second 
place, the use of a single curve to represent the reaction process 
involves the assumption that there is only one possible sequence 
of configurations and potential energies through which the 
reacting system can pass. This assumption is clearly incorrect, 

f This use of the word ‘adiabatic’ bears littlo relation to its normal use in 
thermodynamics. It was first applied to chemical reactions by London 
(Probleme der 7 nodernen Physik (Somrnerfeld Festschrift), Leipzig, 1928) and 
was an abbreviation of the term ‘adiabatisch-reversibel ’ coined by Ehrenfest 
to describe physical processes taking place without a change of quantum 
number. ‘Reversible’ would be a more suitable description for reaction pro¬ 
cesses, though it must not, of course, be confused with chemical reversibility. 
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since there will in practice be an infinite number of different 
possible paths, but the use of a single curve is justifiable in 
practice provided that it represents the path corresponding to 
the lowest possible value of E°. Any paths differing appreciably 
from this one will involve the expenditure of a substantially 
greater amount of energy, and hence will be less probable 
by the Boltzmann factor e* ElkT , where A E is the amount by 
which the minimum value of E° is exceeded. Actually, therefore, 
all the types of reaction process which contribute appreciably 
to the observed reaction will differ very little from the single 
one corresponding to the minimum value of E°. Finally, the 
representation of the sequence of configurations by a single 
coordinate l requires careful consideration. In any reaction 
involving more than two atoms the relative position of the 
nuclei can only be described by using several coordinates. Thus 
in the very simple type of reaction XZ+Y -> X+ZY (where 
X, Y, and Z are atoms or groups which do not change during 
the reaction) three coordinates are necessary to specify the 
distances between X, Y, and Z, and the energies of all possible 
configurations are represented by a surface in a four-dimen¬ 
sional diagram. The curve in Fig. 13 will then be a section of 
this surface, but it will not be in any sense a plane section, 
since it must be chosen so as to follow throughout the lowest 
possible energy contours. It is obvious that the coordinate l 
(representing distance along the reaction path) is not related 
simply to the positions of the nuclei, and that the construction 
of the curve in Fig. 13 requires a detailed knowledge of the 
valency and other forces at work in the system. 

A proton-transfer reaction is a special case of the reaction 
type XZ+Y ^ X+ZY,*j* and can be written 

XH+Y -> X+HY, 

where XH and HY have each one more unit of positive charge 
than X and Y respectively. The customary treatment intro¬ 
duces several simplifications into the picture given in the last 

t For the theory of this type of reaction see Evans and Polanyi, Trans . 
Farad. Soc. 34, 11, 1938, where many of the points mentioned in this section 
are amplified. 


THEORIES OF CHEMICAL KINETICS 


157 


paragraph. In the first place it is assumed that we need con¬ 
sider only configurations in which X, Y, and H are in a straight 
line. This reduces the number of coordinates necessary to 
describe the configuration from three to two, and the energies 
concerned will now all lie on an ordinary three-dimensional 
surface. There is no very satisfactory justification for this sim¬ 
plifying assumption. In the case of a few very simple reactions 
it can be shown theoretically that a linear approach leads to 
the lowest activation energy, and that any appreciable devia¬ 
tion from linearity leads to a considerable increase in the energy 
required. The generalization of this is more doubtful, but it is 
at least reasonable to suppose that in all cases there is a parti¬ 
cular direction of approach which corresponds to the lowest 
possible activation energy. Since the chief use of potential- 
energy curves in reaction kinetics is to obtain or to convey 
qualitative rather than quantitative information, it will not 
introduce any serious error to assume a linear configuration 
when in fact the configuration which most often leads to 
reaction may be slightly non-linear. 

The other simplification concerns the nature of the energy 
which is represented by the potential-energy curves or surfaces. 
For our present purposes it can be divided into three parts: 

(i) Coulomb potential energy arising from the interaction of 
two ions or the polarization of a neutral molecule by an ion. 
It is fairly easy to calculate how this energy depends on the 
relative positions of X, H, and Y. Its presence may either 
increase or decrease the necessary activation energy. 

(ii) Bond energy between linked atoms. Since the reaction 
involves the shifting of bonds, at least a part of the activation 
energy is likely to refer to the increase of bond-lengths beyond 
their normal values. This energy is difficult to calculate a priori , 
but can often be estimated from spectroscopic data. 

(iii) Repulsion energy between unlinked atoms. The reaction 
will always be facilitated by pushing the reactants close to¬ 
gether, and forces of repulsion have to be overcome in doing 
this. In the extreme case reaction may be brought about by 
bringing the reacting molecules sufficiently close together with- 
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out stretching the bonds at all. This type of energy increases 
very rapidly with decreasing separation of the atoms concerned, 
and it is difficult to make a reliable estimate of its magnitude. 

The relative contribution of the last two kinds of potential 
energy may vary considerably in different reactions, and the 
actual state of affairs in any given case will represent the most 
economical compromise which can be reached (from the point 
of view of expenditure of energy) between pure bond-stretching 
on the one hand and pure compression against forces of repul¬ 
sion on the other.f In the general reaction XZ+Y -> X+ZY 
the most important repulsion energies are those between Z and 
Y on the left-hand side of the equation and between Z and X 
on the right-hand side. It is therefore an important simplifica¬ 
tion in the case of the proton-transfer reaction (Z = H) that 
these repulsions are absent, since the proton lacks the sheath 
of electrons which is normally responsible for such repulsions. 
The only repulsion forces present will be those between X and 
Y, and these will remain effectively constant throughout the 
reaction process, since they will be little affected (apart from 
possible Coulomb terms) by the addition of a proton to X or Y. 
Since X and Y are always much heavier than the proton, this 
means that the distance apart of X and Y remains constant 
during the proton transfer, and the only coordinate now needed 
to describe the reaction process is the distance of the proton 
from either X or Y. The original four-dimensional problem is 
thus reduced to a two-dimensional one, and the coordinate l 
now has a simple significance. 

The potential-energy diagram can now be amplified and made 
more specific, as shown in Fig. 14. The full line represents the 
potential energy of the system for different positions of the pro¬ 
ton between the two centres X and Y. The energy becomes 
very large if the proton approaches too closely to either centre, 
while there are two minima (i.e. positions of equilibrium) a and 
b corresponding to the formation of XH and YH respectively. 
At some point between the two minima the energy passes 

t Cf. Evans and Polanyi, Trans. Farad. Soc. 34, 11, 1938; Hinshelwood, 
Laidler, and Timm, J . Chem. Soc . 848, 1938. 
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through a maximum corresponding to the transition state. In 
calculating the actual activation energy we must take into 
account the phenomenon of zero-point energy (cf. p. 144). Ac¬ 
cording to the quantum theory it is not possible for the system 
to have a configuration and an amount of energy corresponding 
exactly to cither of the minima on the curve, since this would 



Fig. 14. The activation process in a proton-transfer reaction. 

violate the uncertainty principle by specifying exactly both the 
positions and the momenta of the particles concerned. The 
actual energy levels must be higher by an amount of energy 
\hv (the zero-point energy), where h is Planck’s constant and 
v the frequency of a vibration along the coordinate /. The 
horizontal lines 2 and z' indicate possible values for the actual 
minimum energy levels in the diagram. There may also be an 
appreciable zero-point energy in the transition state, since, 
although it cannot possess vibrational energy along the co¬ 
ordinate I, it may well be able to execute vibrations at right 
angles to this coordinate which are not possible in either the 
initial or the final state. The minimum energy of the transition 
state is thus more correctly represented by the line z". Finally 
we must take into account the possibility that an appreciable 
amount of energy must be expended against forces of repulsion 
in order to bring the centres X and Y into the positions repre¬ 
sented on the diagram. This means that the minima a and b 
represent energies somewhat higher than those corresponding 
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to infinite separation in the systems XH+Y and X+HY re¬ 
spectively. The original energy levels (with appropriate zero- 
point energies) are shown by the broken curves x and y. Taking 
into account all these factors, the actual activation energy _E« 
has the value shown by the vertical line in the figure. 

We must now consider how far the potential-energy curves 
(and hence the activation energy) can be predicted a priori or 
from other properties of the system. For this purpose it is 
most convenient to take a particular case for which a number 
of calculations have been carried out.t namely, the reaction 

r^CH+O— R 4 - > R^C'+HO-R 4 , 

r/ 

where R 2 , etc., represent monovalent radicals or atoms. 
(In the subsequent discussion the radicals will be omitted for 
convenience.) This represents the transfer of a proton from 
carbon to an anion base derived from an oxy-acid, and is the 
type of reaction taking place in the prototropy of a ketone or 
a nitro-paraffin catalysed by an anion base. Both the initial and 
the final states of the system contain one negative ion, and the 
effect of interaction with the solvent will change little during 
the reaction process. The relative positions of the potential- 
energy curves will therefore be little affected by the presence 
of the solvent, and as a first approximation we shall treat the 
process as taking place in vacuo. There can be no doubt that 
the hydrogen is covalently linked in both 'y C11 and OH con¬ 
sidered separately, and it is therefore natural to investigate first 
how far the actual state of affairs can be represented in terms 
of covalent potential-energy curves, it being assumed that these 
curves are not appreciably modified by the proximity of ions. 
The variation of potential energy with inter-nuclear distance 
in a covalent link can be determined fairly accurately by the 
analysis of vibrational spectra, and the lower parts of the result¬ 
ing curves for )CH and —OH are plotted as curves I and II 
in Fig. 15. (In the case of ^CH the internuolear distance 

t Bell and Lidwell, Proc. Boy . Soc. A, 176, 114, 1940. 
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increases from left to right in the diagram, while the reverse 
is the case for —OH.) The magnitude of the zero-point energies 
can also be obtained from the spectra, and the lowest allowable 
energy levels are shown in the figure by horizontal lines. 



Distance from C nucleus, A 

Fig. 15. Covalent and ionic potential-encrgy curves in the reaction 

^>CH-f O-v ^0-4 HO—. 

If the relative horizontal and vertical positions of the two 
curves are suitable they will cross, as shown in the figure. It 
is then possible to picture the reaction process as follows. The 
two reactants ^CH and —O - approach to a certain distance 
apart, a small amount of energy being expended in overcoming 
forces of repulsion. The vibrations of the ^CH link are then 
excited until the vibrational energy corresponds to the point 
of intersection of the two potential-energy curves. By the 
transfer of an electron from the oxygen to the carbon the system 

is converted from ^CH + O— to ^)C _ +HO— without change 
of energy or internuclear distance. and HO— then separate 
with the evolution of a small amount of energy arising from 
repulsion. 

4503 v 
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This picture of the reaction process implies that the two 
different valency attachments of the proton do not interfere 
at all with one another, i.e. that even when the proton is in an 
intermediate position between the carbon and the oxygen atoms 
it is unequivocally linked by a covalent bond either to carbon 
or to oxygen, no compromise being possible between these two 
alternatives. This assumption is not in general true, and the 
actual energy of the system in the neighbourhood of the inter¬ 
section will be more correctly represented by a continuous 
curve which is throughout lower than the simple covalent curve 
by the amount of the so-called ‘resonance energy’. In reactions 
involving only uncharged atoms or molecules this resonance 
energy plays a decisive part; in fact it is not possible to obtain 
any satisfactory picture of the activation process in this type 
of reaction without the idea of resonance.f However, if the 
reaction involves the transfer of a charge, there are fairly good 
theoretical grounds for believing that the two bond assignments 
will be effectively independent of each other, so that the 
resonance energy will be only a small fraction of the total 
activation energy. J Reactions of this class (including proto¬ 
tropic reactions as a special case) have been described as iono - 
genic reactions by Polanyi and his collaborators, who have 
carried out many calculations on the assumption that the 
resonance energy can be neglected. The general success of these 
calculations provides further evidence for the approximate 
validity of the assumption^ 

In order to obtain anything quantitative out of this picture 


t EyTing and Polanyi, Z. physikal. Chem. 12 B, 279, 1931; Eyring, J. Amer. 
Chem.'Soc. 53, 2537, 1931. 

t Ogg and Polanyi, Trans. Farad. Soc. 31, 604, 1375, 1935; Evans and 
Polanyi, ibid. 34, 11, 1938. 

§ There is actually one further theoretical complication, since if the reso¬ 
nance energy is too small the probability of a switch from one covalent curve 
to the other at the point of intersection becomes seriously less than unity 
(cf. Evans and Warliurst, Trans. Farad. Soc. 35, 693, 1939). However, calcula¬ 
tion shows that this restriction only becomes important if the resonance energy 
falls below a few hundred calories per mole. Since for our present purpose 
an error of a few thousand calories in the activation energy is not serious, 
there is a wide range of values of the resonance energy over which the treat¬ 
ment given here is adequate. 
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of proton transfer we need to know (i) the energy difference 
between the two equilibrium positions of the proton (e° in the 
figure), and (ii) the distance apart of these two positions, which 
is determined by t he closest distance of approach of t he carbon 
and oxygen nuclei. If the repulsion energy is ignored t he energy 
difference is equal to the energy change in the reaction, the 
value of which will, of course, depend on the nature of the 
particular reactants concerned. However, we can estimate 
roughly the kind of values to be expected in practice by the 
following arguments. The transfer of a proton from carbon to 
oxygen will undoubtedly be endothermic in practically all cases, 
since the acidity of hydrogen bound to carbon is nearly always 
much lower than that of hydrogen bound to oxygen.| On the 
other hand, the energy change cannot be greater than the 
activation energy, which for reactions taking place at a measur¬ 
able speed at ordinary temperatures is likely to lie between 
about 12 and 25 k. cals./mole. The relative position of the 
curves in Fig. 15 corresponds to €° = 10 k. cals./mole. The 
asymptotic level of the O—H curve is taken as the energy zero, 
which thus corresponds to the energy of the three components 
—0, and H at an infinite distance from each other. 

It remains to fix the distance apart of the two equilibrium 
positions. It will be equal to the distance apart of the carbon 
and oxygen nuclei, less the sum of the lengths of the C 1 —H and 
0—H links, which can be taken as 108-{-()• ( .H> = 2 04 A. The 
most natural carbon-oxygen distance to take is 3-5 A, which 
is the normal distance of approach of unbonded atoms. How¬ 
ever, when the curves are placed in this relative position the 
predicted activation energy is roughly 100 k. cals./mole, which 
would mean that no observable reaction could take place at 
laboratory temperatures. Moreover, several cases are known in 
which the C — O distance is reduced to about 3-0 A without 
the expenditure of an appreciable amount of energy ,% and the 

f For example, the dissociation constant of the keto form of acetoacetic 
ester has been estimated at about 10" 11 (Pedersen, Trans, farad. Sac. 34, 237, 

1938), and this value probably exaggerates the general tendency of the ^CH 
group to ionize. 

+ See e.g. Moerman, Rec. trav. chitn. I*uys-Bas, 56, CGI, 1937. 


>c-, 
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presence of the hydrogen may well reduce this still farther on 
account of the phenomenon known as ‘hydrogen bonding’.-j- 
The curves in Fig. 15 correspond to a C — O distance of 2-9 A, 
giving a distance of 2*9—2-04 — 0*86 A between the two equi¬ 
librium positions of the proton. 

We can now estimate the value of the activation energy pro¬ 
vided that we neglect any possible zero-point energy in the 
transition state. (Its exact value is not known, but it cannot 
amount to more than 2-3 k. cals./mole.) The activation energy 
is given by the length of the line E\ in the figure, giving a value 
of about 40 k. cals./mole. This value is somewhat higher than 
the observed values for this type of reaction (12-25 k. cals./mole) 
but it would be lowered by taking into account the resonance 
energy or by assuming a shorter distance between the carbon 
and oxygen atoms. In view of the various uncertainties and 
assumptions involved it seems reasonable to conclude that the 
picture of a proton transfer reaction in terms of covalent 
potential-energy curves is adequate to account for the occur¬ 
rence of a reaction of measurable velocity. 

We must, however, consider the possibility that an ionic type 
of binding plays a part in the reaction process. There is, of 
course, much theoretical and experimental evidence that the 
linkages C —H and O—H taken separately are essentially co¬ 
valent rather than ionic, but the position may well be modified 
when the three nuclei are close together, since the Coulomb * 
forces between the ions will lower the potential energy of the 
ionic state relative to that of the covalent state. There is no 
way of deriving the ionic-energy curve from other experimental 
data, but it is possible to make an approximate theoretical 
calculation from first principles. 

The system to be considered is ^C“— H + — 0"*—, where 
there are now no covalent forces acting. The external field of 
this system will vary little with the position of the proton, and 
we can therefore neglect the interaction of the solvent as was 
done for the covalent picture. In calculating the potential 

t Cf. Bernal and Fowler, J. Chem. Physics , 1, 515, 1933; various authors, 
Trans. Farad . Soc. 36, 871-928, 1940. 
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energy of the proton it is, of course, not sufficient to treat the 
carbon and oxygen ions as point charges, since this would not 
introduce any forces of repulsion. The detailed distribution of 
electrons round the ions is not known, but in order to obtain 
a semi-quantitative picture of the actual state of affairs it can 
be assumed that the electrons round the carbon and oxygen 
nuclei have spherical distributions resembling those in inert 
gases. It is not difficult to obtain theoretical expressions to 
represent these distributions and the electrostatic potentials 
which they produce at a given distance.y The energy of the 
proton is then obtained (in contrast to the covalent case) by 
simple addition of the potentials due to the two negative ions, 
and if a term is added to represent the mutual potential energy 
of these two ions a series of curves can be constructed giving 
the total potential energy of the system ^>0 — H+ — O'— 
for different internuclear distances. The energy zero of these 
curves will correspond to infinite separation of the three ions, 
while that of Fig. 15 refers to infinite separation of /C » H, 
and 0—. Before the ionic curves can be plotted on Fig. 15 it 


is necessary to find the energy difference between these zeros, 
which is given by the sum of the two enei •gies 

H f +€ -> H + 311 k. cals. 

—0“ —> —0 + e — 54 k. cals. 


The first of these (the ionization energy of hydrogen) is ac¬ 
curately known, but the second (the electron affinity of oxygen) 
is in considerable doubt, published values ranging from 50 to 
80 k. cals.J Taking the above values and a carbon-oxygen 
distance of 2*9 A we obtain curve III in Fig. 15. Owing to 
the various approximations and uncertainties involved no 
quantitative significance can be attributed to the exact shape 
or position of this curve. However, the calculations show that 
the ionized state has energies not far different from those of the 
covalent state, and is therefore quite likely to be involved in 


t Pauling, Proc. Hoy. Soc. A, 114 , 181, 1927; Z. Krtutalloyr. 81 , 1, 1927. 

+ Goubeau. Z. physical Chem. 34 B, 438, 1930; Goubeau and Kleinm. ibid. 

36 B, 3G9, 1937. 
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the activation process. It will be seen in the next section that 
certain features of proton-transfer reactions are most readily 
accounted for in terms of the ionized state. For the curves 
shown in Fig. 15 the most economical activation process is as 
follows. The vibrations of the covalent O—H link are excited 
until the energy corresponds with the intersection of curves I 
and III. The system then passes into the ionized state and the 
proton moves along curve III towards the oxygen nucleus until 
the intersection of curves III and II is reached, when the system 
again reverts to the covalent state. In supposing a direct switch 
from one curve to the other at the point of intersection we are 
again neglecting the resonance energy, but the arguments 
already used about the two covalent curves indicate that 
this energy is probably small. The activation energy corre¬ 
sponding to this process is shown in the diagram as E\\ it is 
smaller than the value E\ derived from the purely covalent 
curves. 

The above treatment has been based on a particular case, 
but the same general conclusions probably apply to proton- 
transfer reactions in general, almost all of which take place 
between the links C—H, N—H, and O—H. Since the account 
given in this section has necessarily been rather detailed and 
involves a number of assumptions, it may be as well to give 
here a brief summary of the course of the argument and the 
main conclusions, as follows. 

Provided that no quantum jumps take place, the possible 
energies and configurations of a reacting system of the type 
XY+Z X+ZY can be represented as a continuous surface 
in four dimensions. The most probable sequence of configura¬ 
tions and energies in the reaction process is represented by a 
line on this surface which follows throughout the lowest possible 
energy contours, and the height of the highest point of this line 
above the starting-point represents the activation energy. If 
it is assumed that only linear configurations of X, Y, and Z 
need be considered, then the number of dimensions necessary 
is reduced from four to three. In the case of a proton-transfer 
reaction (Z = H) a further simplification is introduced by the 
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absence of repulsion round the proton and also by the lightness 
of the proton compared with the other atoms or groups. Because 
of these facts the distance apart of X and V will remain con¬ 
stant during the reaction, and the reaction process can now be 
represented as a plane curve in a two-dimensional diagram, in 
which the potential energy is plotted against the position of 


the proton. Attempts have been made to predict this curve in 
terms of either the exchange forces between covalently linked 
atoms, or the electrostatic forces between ions. In the lormer 
case the shape of the curves is obtained from experimental data 
on vibrational spectra, while in the latter case they are cal¬ 


culated theoretically from a simplified picture of the electronic 
distribution. In either case the ‘resonance energy’ between 


different bond assignments has to be neglected, but this step 
is justified partly by theoretical considerations and partly by 
the success of the assumption in reactions involving the transfer 
of charge. The results arc only semi-quantitative, but they 
indicate that either covalent or ionic potential-energy curves 
will lead to activation energies within the range actually ob¬ 
served, thus confirming the essential correctness of the picture 
adopted for proton-transfer reactions. 


(c) Relations between reaction rates and equilibrium 
constants 

An account has been given in Chapter V of the experimental 
data which demonstrate the existence of relations (first put 
forward by BrSnsted) between the velocities of catalysed reac¬ 
tions and the acidic or basic strengths of the species taking part. 
The question was again considered in Chapter VII (p. 116) in 
connexion with the nature of acid-base catalysis as a protolytic 
reaction, and the formulation given there is the most convenient 
for further consideration in terms of potential-energy curves. 
Suppose that we have a reversible reaction between two acid- 
base pairs represented by 

^1,2 

A^-h-^2 ^ 

7T 2,l 
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with velocity constants 7r 12 and 7r 21 , 
stant given by „ [AJ[BJ 

“ [A JB J * 


and an equilibrium 


wxi 


K = 


A small change in the nature of either of the pairs A^Bj^ and 
A 2 -B 2 will alter both the velocity constants and the equilibrium 
constant, and it was shown in Chapter VII that the experi¬ 
mental relations for catalysed reactions are equivalent to the 
following relations between the changes produced, 

Slog 77 1>2 = aSlogif, 

8 log7T 2>1 — — (1— a)S logif, 

where 1 > « > 0 . This presents the problem in a somewhat 
more fundamental form than the original equations proposed 
by Bronsted (which involved the acidic or basic strength of 
the catalyst expressed in some arbitrary scale), but the setting 
up of the equations in (1) does not constitute in any sense a 
‘derivation’ of the Bronsted relation. The same applies to the 
formulation of this relation in terms of the transition-state 
theory, where it appears as a linear relation between free 
energies of activation and free energies of reaction.*)* It may 
be a matter of opinion as to whether this presentation is any 
simpler or more fundamental than equation (1),$ but in any 
case none of the alternative formulations absolves us from the 
task of seeking an interpretation of the observed phenomena in 
terms of molecular and atomic theory. Acid-base reactions 
constitute only one of the fields in which parallelism has been 
observed between rates and equilibrium constants,§ and the 
problem of interpretation is thus quite a general one. 

The treatment in terms of potential-energy curves provides 
at least a valuable clue as to this interpretation. This was 
demonstrated almost simultaneously for the covalent state|| and 



■\ Evans and Polanyi, Trans. Farad. Soc. 32, 1340, 1936. See also section 
(c?) of this chapter. 

X Guggenheim and Weiss, ibid. 34, 57, 1938. 

§ For a summary see Hammett, Chem. Review's, 17 , 125, 1935; Trans, 
Farad. Soc. 34, 156, 1938. 

|| Horiuti and Polanyi, Acta Physicochim . U.R.S.S. 2, 505, 1935. 
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for the ionic state.t The arguments in the two cases are almost 
identical, and we shall give here the treatment in terms of the 
covalent picture. Neither resonance energy nor zero-point 
energy will be taken into account, since their inclusion leads 
to essentially the same results. The full curves in Fig. 16 repre¬ 
sent the covalent curves for a proton-transfer reaction, as in 



Fig. 16. The relation between velocity and equilibrium constants. 


Fig. 15. We shall suppose the proton to move from left to right 
in the diagram, so that curve I refers to that reacting species 
which is initially an acid: this may be either the catalyst (in 
acid catalysis) or the substrate (in basic catalysis). The activa¬ 
tion energy is then E\ and the energy change in the reaction 
(energy absorbed) is ej. Now suppose that the base involved 
is modified slightly by the introduction of a substituent, thus 
replacing the curve II by the slightly different curve II'. The 
new activation energy and energy of reaction are now repre¬ 
sented by E\ and in the diagram, and the changes produced 
in these quantities by SE° and 8c 0 . We shall now assume that 
the two curves II and II' have the same shape and the same 
position along the distance axis, differing only in their vertical 
positions in the diagram, i.e. in their energies. In this case it 

f Bell, Proc. Boy. Soc. A, 154, 414, 1936. 

Z 
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is clear from the geometry of the figure that for small changes 
&E° and 8e° we have 

BE 0 = ctBe 0 , (2) 

where 1 > a > 0. The numerical value of a depends on the 
relative slopes of the two curves at the point of intersection: 
in particular ol = \ if the slopes are equal. We have considered 
so far a displacement of the right-hand curve in the figure, but 
it is clear that we could equally well have moved the left-hand 
curve, since it is only the relative position of the two curves 
which matters. Equation (2) thus applies equally well to 
changes of either partner in the reaction, independently of 
whether it is an acid or a base, or a catalyst or a substrate. 

The changes BE 0 and 8e° must be related respectively to the 
corresponding changes in the reaction velocity v and the equili¬ 
brium constant K . The simplest possible assumptions which 
we can make about these relations are 


£logp — 

BE 0 
kT * 

(3) 

8 log A = 

Se° 

kT' 

(4) 


where k is the gas constant per molecule.f Equation (3) corre¬ 
sponds to the Arrhenius equation for the variation of reaction 
velocities with temperature, and equation (4) to the van’t Hoff 
isochore for the variation of equilibrium constants with tem¬ 
perature. Inserting these results in (2) we obtain 

Blogv — oc 8 log K, (5) 

which is exactly equivalent to equation (1). 


t The quantities E° and c° in equations (3) and (4) are the amounts of 
energy involved in the reactions of single molecules. They are most con¬ 
veniently expressed in ergs , and the corresponding value of the gas constant k 
is 1-380 x 10 _1 ® ergs/degree. If wo wish to deal with amounts of energy refer¬ 
ring to one gram-molecule of reactants (as in Fig. 15 and Table XXIH), then 
kT in equations (3) and (4) must bo replaced by RT t where R is the gas con¬ 
stant per gram-moleculo. In this case the energies are usually expressed in 
calorics , and the appropriate value of R is then 1-986 calories/degree. All the 
equat ions in this chapter refer to the energies associated with systems of single 
molecules, but they can easily be converted to the corresponding equations 
for energies per gram-molecule merely by replacing k by R throughout. 
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We shall see in the next section that considerable care is 
necessary in applying relations like (3) and (4), and also that 
the simple picture which has been adopted is not adequate in 
some respects to represent the actual state of affairs. How¬ 
ever, it is nevertheless of interest to see whether any further 
predictions can be made by considering the potential-energy 
diagrams. In the first place, equation (5) will only hold ac¬ 
curately for a series of substrates or catalysts provided that 
the change from one member of the series to another can be 
represented solely by a vertical displacement of the energy 
curve in the diagram. This means that the distance of approach 
of the two reactants must be the same throughout the series, 
and that the shape of the potential-energy curves must not 
vary. These conditions are only likely to lie fulfilled for a series 
of reactants which are closely related to one another chemically, 
and we have in fact seen (Chapter V) that the Bronsted relation 
is obeyed accurately only for a series of very similar catalysts 
such as carboxylic acids or substituted anilines. In particular 
we should expect discrepancies between catalysts of different 
charge types, as has been found in some cases (Table XV, 
p. 87). The position may be expressed more generally by 
saying that we shall only expect a unique relation of any kind 
between velocity and equilibrium constants if the effect of the 
variations of structure involved can be expressed by variations 
of a single parameter, which will only be the case for a series 
of closely related reactants. It is impossible to predict how 
serious will be the discrepancies caused by variations of charge 
and chemical type, though the results for the mutarotation of 
glucose (Table XVI, p. 88) show that the Bronsted relation holds 
approximately in some cases for a very wide variety of catalysts. 

The second point concerns the form of the relation when the 
velocity varies over a wide range. A linear relation between 
logy and log A implies that <* remains constant over the range 
considered, while the geometrical origin of (2) shows that its 
constancy can only be assumed over a range in which the 
potential-energy curves are effectively linear. We should there¬ 
fore expect systematic deviations from the Bronsted relation if 
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the velocity is varied over a sufficiently wide range.f It must, 
however, be realized that the range of catalytic constants nor¬ 
mally studied for a given substrate is not likely to be large 
enough to show such deviations. A thousandfold variation in 
velocity corresponds to a change of activation energy of only 
about 4 k. cals ./mole, while the dissociation energy of the bonds 
involved is of the order of 100 k. cals.; thus the available varia¬ 
tion will cover only a small fraction of the potential-energy 
curve. It is not usually possible to extend the range of catalysts 
very far without altering their chemical type, and the only 
useful comparison which can justifiably be made is to compare 
the catalytic effect of the hydroxyl ion with the Bronsted rela¬ 
tion derived from data for less powerful anion bases such as 
carboxylate ions. This comparison has already been made 
(Table XVIII, p. 92) and it was found that in most cases the 
catalytic effect of the hydroxyl ion is smaller than the calculated 
value by several powers of ten. Although there is some uncer¬ 
tainty as to the figure used to represent the basic strength of 
the hydroxyl ion, it seems likely that the discrepancies are real, 
and may represent the curvature of the potential-energy curves. 

Much larger velocity variations can be produced by varying 
the nature of the substrate. It is not possible to obtain a direct 
test of the range of validity of the BrOnsted equation by using 
a single catalyst and a wide range of substrates since the acid- 
base strength of the substrate is usually inaccessible, and in 
any case its measured value may often be inappropriate .% How¬ 
ever, it is quite practicable to investigate a number of catalysts 
for each substrate and hence to determine a in each case. In 
this way we can detect any change in the relative slope of the 
two curves at the intersection point when this point is shifted 
by displacing the curves relative to one another. Experiments 
of this kind have been carried out recently§ on the base- 

t It is interesting to note that Bronstecl and Pedersen, in their original 
formulation of the Bronsted relation (Z. physikal. Chem. 108, 185, 1924), also 
supposed that it would break down over a sufficiently wide range, though 
their reasons differed from those advanced here. 

t See p. 119. 

§ Bell and Lidwell, Proc. Roy. Soc . A, 176, 88, 1940. 
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catalysed prototropy of a number of substituted acetones, using 
the rate of halogenation as a measure of the rate of prototropic 
change. Eight different ketones were used, and the catalytic 
constants measured in the whole series cover a range of about 
nine powers of ten. For each ketone the catalytic constants 
k n for four carboxylate anions were found to be related to the 
dissociation constants K A of the corresponding carboxylic acids 
by an equation of the type k H = (;(l//\ ,)\ where G and a are 
constants characteristic of the ketone. Table XXII gives the 
values of Q and a obtained. (In calculating the velocity con¬ 
stants concentrations were expressed in moles per litre and the 

time in minutes.) 

Taptp yyit 


Constants of the Bronsted equation for the base-catalysed 

j)rototropy of ketones at 25° 


Ketone 

log l0 r; | 

at 

CII 3 COCH 3 

-904 

0-88 

ch 3 coch,ch 2 coch 3 | 

-8-28 

0-89 

CH 3 COCH 3 Cl 

— (M9 

0-82 

CH 3 COCH..Br 

-5-93 

0-82 

CH 3 COCHCl 2 

-514 

0-78 

CHjCOCHjCOOKt 

i -134 

0-59 

CHjCOCH 2 COC H 3 

— 0*55 

0-52 

CH 3 COCH a COOH 

0-65 

0-48 


It will be seen that a is far from constant throughout the 
series, but decreases steadily as the reactivity of the ketone 
increases. This series thus shows definitely that the Bronsted 
relation (with constant a) does not apply if the range of velo¬ 
cities is too great. The only similar variation of exponent which 
has been recorded is in the case of the acid-catalysed rearrange¬ 
ment of three N-halogenacylanilides,t but the position is more 
complicated here since the reactions studied involve the migra¬ 
tion of different halogen atoms. 

If our picture of proton-transfer reactions is a correct one, 
the value of the exponent a and its variation in a series like the 
above should give quantitative information about the potential- 

■f Bell and Danckwerts, «/. Chem. Soc. 1774, 1939. 
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energy curves involved. The experimental results may at least 
serve to distinguish between different possibilities, e.g. between 
covalent and ionic curves. There are, in fact, two points at 
which it seems very difficult to explain the available data in 
terms of covalent curves. Practically all the proton transfers 
met with in practice take place between the links C—H, O—H, 
and N—H. These links have very similar energy curves, and 
it is easily seen by plotting them that for any intersections 
corresponding to reasonable activation energies the slopes of 
the two intersecting curves will not differ by more than about 
20 per cent. According to the geometrical interpretation of the 
exponent a this means that the value of the exponent should 
be very close to 0-5 (say between 0*45 and 0*55) for all these 
reactions. This is far from being the case, since values as low 
as 0-3 and as high as 0*8 are frequently met with. The same 
kind of difficulty arises in connexion with the variation of a 
over a wide range of velocities. The curves for C—H, O—H, 
and N—H deviate very little from linearity over a range of 
20-30 k. cal./mole in the region where they are likely to inter¬ 
sect, and we should therefore expect no appreciable change in 
a even for a change in velocity of 15-20 powers of ten. The 
covalent energy curves thus seem quite unable to explain either 
the frequent large deviations of a from the value 0-5, or the 
large change within a series shown in Table XXII. 

Since little is known about the exact course of potential- 
energy curves representing the ionic state it is difficult to say 
how far the above difficulties can be removed by taking this 
state into account. There are, however, some indications that 
the ionic-energy curves may give a considerably better repre¬ 
sentation of the facts than do the covalent ones. The broken 
curve in Fig. 15 (p. 161) is calculated for the ionic state on the 
basis of certain simple assumptions, and although it can have 
no precise significance, its general shape is probably correct. It 
will be seen at once that curves I and III have very different 
slopes at their point of intersection, thus allowing values of a 
differing considerably from 0*5. (The actual value of a corre¬ 
sponding to the curves in Fig. 15 is 0*85.) Moreover, the general 
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shape of the ionic curve is such as t o allow considerable changes 
in a as the point- of intersection moves along the curve, though 
the actual changes predicted by Fig. 15 are smaller than those 
given in Table XXII. 

It is quite likely that the degree of certainty which we have 
at present about the theory of proton-transfer react ions is hardly 
sufficient to justify the more detailed speculations of the last 
two paragraphs. In particular it might ho objected that varia¬ 
tions in the energy of dissociation of the links concerned are 
likely to be accompanied by changes in the force constants and 
hence in the shapes of the energy curves, while the treatment 
which we have followed assumes that the curves are shifted 
along the energy axis without deformation. The small etYect 
of substitution upon the frequencies of Raman lines makes it 
doubtful whether sufficient deformation occurs to account for 
the large changes of exponent recorded in Table XXII, but the 
effect would, of course, have to be taken into account in any 
complete theory. For the moment the considerations given 
above may be of value in indicating the kind of correlation 
between theory and experiment which may be hoped for when 
both fields have been more thoroughly explored. 


(d) Activation energies in catalysed reactions 
Experimental data on the variation of reaction velocities with 
temperature have nearly always been analysed in terms of the 
Arrhenius equation 

logr = log .4 — E*/kT, (6) 

where A and E * are presumed to be independent of the tem¬ 
perature. E * has t he dimensions of energy and is clearly closely 
related to the activation energy E °, which we have already 
met with in potential-energy diagrams. However, we shall see 
shortly that the two quantities are not to be identified with 
one another, and we shall therefore reserve the symbol E° and 
the term ‘activation energy’ for the quantity which occurs in 
the potential-energy diagram, using E* for the ‘apparent activa¬ 
tion energy’ obtained by applying equation (6) to the experi¬ 
mental data at different temperatures. 
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The analogy between E* and E° would lead us to expect 
a simple type of behaviour in the observed values of A and E*. 
For example, for a series of similar catalysts or substrates we 
should expect that changes of velocity would be reflected chiefly 
by changes in E* f A remaining substantially constant since it 
represents a collision number, or the product of a collision 
number and a steric factor. This kind of behaviour has been 
found in some series of reactions of other types,| though it is 
by no means universal. It is therefore of interest to examine 
the experimental data for proton-transfer reactions from this 
point of view. 

Table XXIII gives data for those reactions in which a series 
of similar catalysts or substrates has been studied. k c is the 
catalytic constant, i.e. the bimolecular velocity constant for the 
reaction between catalyst and substrate, the time being ex¬ 
pressed in minutes and the concentration in moles per litre. 
A is in the same units as k cy and E * is in kilocalories per mole. 
The column headed A U will be dealt with later. 

Table XXIII 

Constants of the Arrhenius equation for catalysed reactions 


(a) The decomposition of nitramide 


Catalyst 

log 10 fc c (25°) 

log l0 A 

E* 

AC7 (30°) 

Dichloracetate ion 

3-74 

14-73 

23-2 

• • 

o-Nitrobenzoate ion 

2-58 

14-94 

22-3 

— 3-54 

Monochloracetate ion 

104 

13-44 

19-6 

—1-34 

Salicylate ion 

M8 

13-93 

20-1 

-4-0-76 

Formate ion 

1*41 

13-97 

19-4 

— 0-25 

Benzoate ion 

1-74 

14-25 

19-3 

— 0-14 

Acetate ion 

0-17 

14-61 

19-2 

-0-28 

Trimethylacetate ion 

0-62 

14-24 

18-4 

• • 


(6) The iodination of acetone 


Catalyst 

log,o**c ( 25 °) 

log 10 A 

E* 

ACT (12-5°) 

Propionic acid 

6-61 

8-83 

19-4 

+ 0-27 

Acetic acid 

6-70 

9-37 

20-0 

+ 0-36 

Monochloracetic acid 

5-92 

10-03 

19-2 

— 0-66 

Dichloracetic acid 

4-87 

10-98 

19-2 

• • 

Hydrogen ion 

3-24 

12-40 

20-7 

0 


j- Winkler and Hinshelwood, J, Chetn* Soc. 371* 1936. 
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(c) The bromination of acctoacctic ester 


Catalyst 

logm I'f (25') 

log,,, A 

/-;* i 

M (12 5 ) 

Sulphate ion 

1 34 

12-12 

17 4 

• • 

Dihydrogen phosphate ion 

0-30 

10-88 

14-4 

-1-20 

Monochloracetate ion 

0-35 | 

10-56 

13*9 

- 0-66 

Ctlycollate ion 

(MM) 

10-45 

130 

i 0 60 

Acetate ion 

1 47 

1110 

13-1 

1 -j- 0-36 

(d) The mutarotation of glucose 

Catalyst 

log, 0 fr c (0°) 

login 1 

/•;* l 

Ml (12-5 ) 

Monochloracetate ion 

3-08 

11-78 

18-4 

! -0-66 

Acetate ion 

3-89 

12 47 

18-2 

-10-36 

Hydrogen phosphate ion 

1-40 

13 65 

17 8 

| 1-40 

Phenoxide ion 

0-09 

14 91 

l 8*5 

( 1-7-6) 

Glucosate ion 

0-72 

14 34 

| 17-0 

(4-9-5) 

Hydroxyl ion 

2-97 

17-15 

17-7 

4 14 13 


(?) The acid hydrolysis of esters 

(Catalyst throughout hydrogen ion in 55-71 per cent, alcohol) 


Substrate 

login M 100 ) 

logio'l 

E* 

Ethyl o-nitrobenzoate 

5-49 

7-37 

20-1 

Ethyl p-hydroxybenzoato 

4-43 

8-40 

20 4 

Ethyl anisate 

4-57 

8-62 

20-6 

Ethyl p-toluato 

4-67 

8-25 

19-8 

Ethyl p-chlorobenzoato 

4-68 

7-82 

19 0 

Ethyl p-bromobenzoate 

4-70 

7-81 

19-0 

Ethyl rn-nitrobenzoate 

4-73 

7-76 

18-8 

Ethyl benzoate 

4-74 

8-24 

19-6 

Ethyl p-nitrobenzoato 

4-81 

8-07 

17-5 

Ethyl dichloracotate 

2-22 

6-60 

14 3 

Ethyl trichloracetate 

2-52 

5-72 

12-3 

Ethyl monochloracetate 

2-64 

7-64 

15-4 

Ethyl acetate 

2-81 

i 8-31 

16 2 
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It is obvious from Table XXIII that there is no general 
simple relation between the reaction velocity and the values 
of A and E*. In reactions (a) and (c) there is a general tendency 
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for E* to decrease with increasing velocity, but there are also 
considerable variations in A. In reaction (6), on the other hand, 

E* varies little throughout the series, and the variation of rate 
appears chiefly in changes of A . Finally, in reactions (d) and 
(e) there is no apparent regularity in the variations of either 

A or E* with the reaction velocity."I" 

The general reason for this more complex behaviour can be 
seen by a closer examination of the problem. The theoretical 
points involved are common to the whole field of reaction 
kinetics, though in practice the difficulties seem to appear 
particularly acutely for reactions catalysed by acids and bases. 
Since these difficulties have not always been properly under¬ 
stood, it seems worth while to give a fairly detailed account of 

the problem here. 

The activation energy has so far appeared as a single and 
clearly defined quantity, namely, the energy difference between 
two points on a potential-energy curve. On the other hand, the 
measured velocities represent the average behaviour of a large 
number of molecular systems which will not all be in the same 
energy states, and the same will apply to other quantities such 
as the apparent activation energy which are derived from the 
experimental data. The features introduced by this averaging 
are most easily illustrated by considering a simplified example. 
Suppose that in a bimolecular reaction there are N 0 pairs col¬ 
liding in unit time at a suitable orientation for reaction and 
that the chance of reaction depends only on the energy in some 
internal degree of freedom (e.g. vibration) which has only three 
possible energy levels, 0, E v and E 2 . Provided that nearly all 
the colliding pairs are in the zero energy level, the numbers 

■j- drawing conclusions of this kind it is, of course, important to know 
something about tho probable errors of the experimental data. In series (a) 
four temperatures over a range of 30° were used, and the estimated probable 
errors are ±014 in log 10 A and ±0-2 k. cals, in E *. The data in series (e) are 
derived from measurements at four or five temperatures over a range of 
65-80°, and the accuracy is about the same. In series (c) three temperatures, 
0° 18°, and 25°, were used, and the probable errors are likely to be somewhat 
greater. It is very difficult to estimate the probable errors in series (6) and 
(d), since most of the temperature coefficients were derived indireotly from 
composite velocity constants at two temperatures only, 0° and 25°. 
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(9) 


( 10 ) 


in the levels E x and E 2 are given by the simple Boltzmann 

expressions 

N x = N 0 e~ E ' ,kT , N 2 = N 0 e~W r . (7) 

Let the probability that a colliding pair reacts be 0, n lt and tt 2 
respectively for the energy levels 0, E lt and E 2 . The total 
reaction velocity is then given by 

v = N^e-W'J'+TTtC-WT). (8) 

If we neglect the variation of N 0 with temperature! the tem¬ 
perature coefficient of the reaction velocity is given by 

dlogv _ 1 dv _ Tr x E x er E ^'+- n 2 E 2 e-^ kT 
dT v dT k'T 2 (7T l e~ EilkT -\-7T 2 e~ Et ^ kI ) 

The apparent activation energy E * is defined by the equation 
d log v/dT = E*/kT 2 , and hence by comparison with (9) we 

haVe F* - El ** E 2 e-W r 

Equation (10) shows that in general E * is not independent of 
temperature, and hence cannot be identified exactly with a 
single energy level in a molecular system. The expression can, 
however, be simplified in particular cases, especially when tt y 
and 77 2 are of the same order of magnitude. Thus, if E x and 
E 2 differ considerably, so that e~ E ' lkT > e~ E ^ l \ then the con¬ 
tribution of the higher state is negligible and we have E* = E x : 
i.e. the apparent activation energy is independent of the tem¬ 
perature and corresponds to the lowest reacting level. It is clear 
that this will be true for any values of E x and E 2 provided that 
the temperature is very low. If, on the other hand, E x and h 2 
are very close together so that at ordinary temperatures 
exp (E 2 —E x )tkT ~ 1, equation (10) reduces to 

£* _ 7T l E 1 + 7 T 2 E 2 ' 

^l + 77 2 


(H) 


t On simple assumptions the number of collisions per unit time is propor¬ 
tional to the square root of the absolute temperature. I his variation of A 0 
with T could easily be incorporated into equation (9) and subsequent equa¬ 
tions, but the numerical differences produced would be small, corresponding 
to changes in the apparent activation energy of not more than a few per cent. 
For the sake of simplicity this factor will therefore be omitted in tins section. 
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i.e. the apparent activation energy is again independent of the 
temperature and is now equal to a weighted mean of the 

energies of the two levels concerned. 

The greatest deviations from this simple behaviour will occur 

when the probability tt increases rapidly with increasing energy. 
Thus, if 7 t 2 771 , both exponential terms must be retained when 

E and E 2 differ considerably. In this case there will be a cer- 
tain temperature range in which E* will vary considerably 
with the temperature and will not be simply related either to 

E x or to E 2 . 

The above considerations can easily be extended from the 
case of only two reacting energy levels to systems where there 
is either a large number of discrete energy levels, or a continuous 
energy distribution. The results obtained are qualitatively the 
same; i.e. that E* is not in general independent of the tem¬ 
perature or related simply to the energy levels of a single 
molecular system, though in the neighbourhood of absolute 
zero it will correspond to the lowest reacting energy level. A 
reaction probability which increases with increasing energy will 
again accentuate the deviations from simple behaviour.t There 
are again special cases which are particularly simple. For 
example, if the activation energy consists of kinetic energy of 
relative motion along the line of centres of the reacting mole¬ 
cules, then the number of colliding pairs having energy of this 
kind equal to or greater than E° is given exactly by N 0 e 

therefore, tt is zero for all energies lower than E and has 
a constant value tt 0 for all energies above this, then clearly 
v = n N e~ E °l kT , and E* = E°: i.e. the apparent activation 

energy is again equal to the energy of the lowest level which 
reacts. On the other hand, if 7 r depends on the amount by 
which the energy exceeds E° this sijnple relation breaks down, 
and the same is true for most of the alternative distributions 
of the activation energy among different degrees of freedom. 
Since there is much experimental evidence for the validity 

I Scheffer and Brandsma, Rec. trav. c him* 45, 522, 1926; 47, 94, 1928; 
48, 1205, 1929; LaMer, J. Chem. Physics , 1, 289, 1933. 

J Fowler, Statistical Mechanics , 17.2 (Cambridge, 1936). 
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of the simple Arrhenius equation it might he concluded that 
the above considerations are of little practical importance. The 
only well-established case of a temperature-variable A’* in a 
catalysed reaction is in the ‘spontaneous’ mutarotation of 
glucose, where A* varies from about IS to 15 k. cals./mole over 
the temperature range 0°-45°.f In this case, however, the posi¬ 
tion is complicated by the fact that the solvent itself (water) 
is acting as the catalyst, and it is well known that the properties 
of liquid water vary with temperature in a curious manner. 
No changes of A* are apparent when the mutarotation of 
glucose is catalysed by various solute species. However, it can 
be easily shown that the variation of A* with temperature may 
well escape experimental detection even when the difference 



by taking a numerical example. Suppose that a reaction with 
an apparent activation energy of about 20,000 cals./mole is 
investigated between the temperatures 0°C. and 50° C., which 
is a fairly wide range for measurements of this kind. In experi¬ 
ments of ordinary accuracy the smallest change in A* which 
could be detected with certainty would be about 1,000 cals./mole 
over the whole range, corresponding to a variation of ^500 
cals./mole about the mean value. If A* continued to vary 
linearly with temperature down to absolute zero we should 
have A 0 = 14,000 cals./mole. The difference between A 0 and 
A* at 25° C. would then be 0,000 cals./mole, corresponding to 
a ratio of velocities of e G ' 000IIiT = 2x 10 4 . Any smaller discre¬ 
pancy between A 0 and A* would not have produced any 
detectable change of A* with temperature. 

It is a simple matter to write down the generalized forms 
of equations (8) and (10) for the case when there is an arbitrary 
number of reacting energy states. Suppose that the energy of 
the lowest reacting state is A 0 , and that the succeeding states 
have energies exceeding A 0 by amounts A 1} A 2 ,..., A,,.... If the 
reaction probabilities of these states are 7r 0> 7t 1 , 7 r 2 ,..., n then, 

t Smith and Smith, J . Chem. Soc. 1413, 1937 ; Wynne-Jones, Trans. Farad. 
Soc. 34, 245, 1938. 

% Bell, ibid. 34, 229, 1938. 


182 


ACID*BASE CATALYSIS AND 

provided that only a small fraction of the total number of pairs 
reacts, the reaction velocity is given by 

v = N 0 e~ E ° lkT 2 "< e - mkT ’ ( 12 ) 

1 

where the summation starts with E 0 = 0. The apparent activa¬ 
tion energy will similarly be given by 

2 iTi E t e~ EitkT 

E* = E°+ < _ Em . : ( 13 ) 

t 

The case of a continuous energy distribution is also treated in 
the same way by replacing the summations in equations (12) 
and (13) by integrations. It is convenient to introduce another 
energy quantity characteristic of the reaction. Suppose that 
either of the reactants is modified by chemical substitution so 
as to shift the energy levels and change the reaction velocity. 
We can then define a quantity F, (apart from an arbitrary 
additive constant) by an equation analogous to (3), 

8F, = — kT Slogv. (14) 

Comparison with (12) then shows that F, can be written in the 

form e -FJkT __ £ e -E°!kT 2 TT ie ~ EJkT , (15) 

i 

where B is a constant for a given temperature and a given 
series of reactants. It will be seen that F, is not in general equal 
either to E* or to E°, even when allowance is made for the 
adjustable additive constant. F, and E* represent different 
ways of averaging the energies of the reacting systems, while 

E° is the energy of the lowest reacting state. 

It is important to realize that exactly the same situation 
arises in the statistical treatment of chemical equilibria, where 
we again have to deal with experimental quantities representing 
the average of a large number of molecular systems. t Suppose 

+ The general theory of statistical mechanics and its application to chemical 
problems has been given in a number of standard works, e.g. Fowler and 
Guggenheim, Statistical Thermodynamics, Cambridge, 1939. Simplified treat- 
ments of the problem of chemical equilibria have recently been given by 
Hammett (Physical Organic Chemistry , chapter Hi, New York, 1940) and by 
Hinshelwood (The Kinetics of Chemical Change , chapter ii, Oxford, 1940). 
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first that we have a single kind of molecule in which t he possible 
energy-levels are ^ 2 ’***’ • In a system containing a 

large number of these molecules the number which are in 
a particular energy state c { is proportional to the Boltzmann 
factor c- (ilkT , and the average energy U of a molecule in the 


system is 




The free energy per molecule, F, is obtained by averaging the 
energies of the single molecules in another way, namely, by 

writing e - FlkT = Y e~<‘i kT . (17) 


It is easy to verify that F defined in this way is in fact equi¬ 
valent to the thermodynamic free energy, for if (17) is logarith¬ 
mically differentiated with respect to temperature and combined 
with (16), we obtain the familiar result U = F—TdFjdT. 

Equations (16) and (17) are often written with a factor p { 
multiplying each Boltzmann factor e~ € ‘ lkT , where p { is termed 
the a priori probability of the energy state, and usually has 
a small integral value. These factors arise because a given 
energy can often be made up in a number of fundamentally dif¬ 
ferent ways, so that what appears to be a single level is really 
a multiple one. The multiplicity increases the probability that 
a molecule will possess the amount of energy in question. In 
our present notation (omitting the p-factors) we must count 
a level with p-fold multiplicity as p distinct levels, and the 


summations in equations (16) and (17) will then contain p con¬ 
secutive terms which are identical. The difference between the 
two methods of presentation is, of course, only a formal one. 

If we are dealing with only one kind of molecule, the energy 
zero of the scale in which € lt <r 2 , etc., are expressed is naturally 
taken as the lowest energy level which the molecule can have. 


If we maintain this convention when dealing with intercon¬ 
vertible molecules (i.e. in chemical reactions) equation (17) must 
be modified in order to obtain comparable free energy values 
for the different interconvertible species. Thus, in the case of 
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the simple isomerization reaction A ^ B, if the lowest level 
of the molecule B is higher by an amount e° than the lowest 
level of the molecule A , then the equations for the free energies 


must be written 


e~ F J kT = y e- ( ft kT 

i 


e -F„lkT = e -e'lkT ^ e -'?lkT y 

i 



where cf and <=? still refer to the height of the energy level 
above the lowest level in the molecule concerned, and the sum¬ 
mation starts with = 0. The equilibrium constant K for the 
reaction A ^ B is then given by 

Xo % K== ~w = ~ir +log Y^f^' (19) 


It is clear from equation (19) that changes in log if need not 
be simply related to changes in e®, since the last term will only 
vanish in specially simple cases. We can also obtain an expres¬ 
sion for A U, the observed energy change in the reaction. This 
follows directly from (16), or can be obtained by applying the 
thermodynamic relation 

A U = JcT* dl °% — (20) 


to equation (19), giving the expression 



The same kind of treatment can easily be extended to equilibria 
involving more than two molecular species. The equations 
obtained show that in general A U will vary with temperature 
and will not be equal either to €° or to A F. It is only in the 
neighbourhood of absolute zero that these three energy quan¬ 
tities become indistinguishable. 

The experimental evidence bears out these expectations. By 
far the most extensive and accurate series of equilibrium 
measurements available relate to acid-base equilibria, and these 
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are, of course, of special interest for our present, purposes. 
Table XXIV contains some of the data collected by Everett 
and Wynne-Jonesf for the dissociation of acids in w ater. 

Table XXIV 


Thermodynamic data for the dissociation of acids in water 


1 """ 


A/*’ (25 r.) 

Ml (25 ('.) 

d(M’) dr 

Acid 

- lo^io K 1 

cals, j tunic 

cals, mole 

cals, jdetj. 

Propionic 

I 87 ! 

0,044 

— 170 

-35 4 

Butyric 

Acetic 

4-82 

4-75 

11,5*0 ! 

MH3 

— 700 

— loo 

-34 0 
-30 0 

Anisic 

4 48 | 

0,110 

{ 800 

- 19 7 

Cinnamic 

-1*41 

0,009 

-| 000 

— 35 S 

«-Toluio 

4 *34 

5.923 

300 j 

— 300 

ni-Toluic 

4*24 

• ii H») 

*! 70 

-32 0 

Benzoic 

4 17 

5,082 

+ 10 

-30 2 

wi-Hydroxy benzoic 

4 08 

5,501 | 

•4- 170 

-29*9 

o-Toluic 

3*88 

5,284 

— 1.loo 

-30 0 

m-Iodobenzoic 

3 80 

5,200 

+ 190 

-37 0 

Lactic 

3-80 

5.259 

- 174 

— 40-2 

Glycollic 

3*83 

5,222 

-j 100 

— 40-2 

Formic 

3*79 

5,1 1 1 

-40 

-41-4 

w-Nitrobenzoic 

3 45 

4,703 

-|320 

— 37 2 

Salicylic 

2*97 

4,055 

-1- 1,000 

—17-7 

o-Chlorobenzoic 

X 

X 

71 

j 3,920 

1 -2,470 

| -28*3 

• 

o-Iodobenzoic 

2*93 

3,903 

-3,250 

219 

Monochloracetic 

2*80 

3.898 

-1,1 50 

-39 0 

o-Nitrobenzoic 

2*19 

2,980 

— 3,355 

-23-7 

a-Bromocinnamic 

1*98 

2,098 

| — 2,990 

j -29 0 

Dimethylammonium ion 

) 1 1 *57 

14,721 

-}• 1 1,880 

1 4 19 9 

Monomethylammonium ion 

1002 

14.484 

-M 3.092 

t ? 5 

Trimethylammonium ion 

9-81 

13,384 

+ 8,828 

+ 410 

Ammonium ion 

9*23 

12.502 

+ 12,400 

00 

Aniliniuin ion 

4 00 

6,265 

+ 7,105 

0*0 

o-Chloroanilinium ion 

1 

j to 
• 

• • 

3,591 

| +6,007 

• 

0 0 


The equilibrium constant used for these dissociations has the 
dimensions of a concentration, and the numerical values ob¬ 
tained for K and A F will depend upon the units in which the 
concentration is expressed. We cannot therefore expect any 
numerical agreement between the value of AF and A U for a 
given acid, but on the simplest assumptions a given change in 
A F within a series of acids should be accompanied by an equal 
change in A U. The table shows that this is by no means the 

■f- Everett and Wynne-Jones, Trans. Farad. Soc. 35, 1380, 1939. 
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case, there being no correlation between the values of AF and 
AU. The absolute error involved in measurements of AC7 is 
considerably smaller than in measurements of the activation 
energy, and in favourable cases does not exceed ±50 cals./mole. 
This is partly due to a greater experimental accuracy and partly 
to the fact that few of the values of AU exceed a few thousand 
calories, while E* is always greater than 10,000 cals./mole. In 
consequence it is possible not only to detect but also to measure 
quite small variations of AU with temperature. Values of 
d{AU)jdT are given in the table and in favourable cases are 
accurate to within about ±0-5 cals./degree. It will be seen that 
for a number of equilibria the value of AU actually changes 
sign within the experimental range, corresponding to a maxi¬ 
mum value for the dissociation constant. 

Acid-base equilibria of this kind involve two proton-transfer 
reactions in opposite directions. If the velocity constants of 
these are k\ and k 2 , we have the equations 


d log Zq EX d log k 2 _ E* 



dT kT 2 ’ 

dT 

kT 2 ' 

(22) 


d\ogK AU 

K 

_ 



dT ~~ kT 2 ’ 

k 2 


and hence 

AU = E* 

-E*. 


(23) 


The experimental results show that AU is almost always tem¬ 
perature-dependent, and it must therefore be concluded (apart 
from any detailed theory) that at least one of the activation 
energies Ef and Et will also vary with the temperature. Varia¬ 
tions of 20-50 cals./mole/degree in the activation energy should 
be detectable experimentally, though only in accurate work 


over a considerable temperature range. It should, however, be 
noted that most of the kinetic measurements in which such 
variations might be detected relate to the reaction between an 
uncharged substrate and a charged catalyst, while most of the 
figures in Table XXIV are for the equilibrium between an 
uncharged molecule and two ions. The types of equilibrium 
most closely related to the available kinetic data are obtained 
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by combining two of the dissociation equilibria in Table XXIV: 
thus, by combining 


Aj + H.,0 ^ Bj +OH.J and A 2 +H 2 0 


2 +OH3 , 


we obtain A 2 + B 2 ^ A 2 +I^ 1 . The appropriate values of 
d(kU)ldT for these equilibria are obtained by taking the differ¬ 
ence of two values in Table XXIV, giving in nearly all eases 
values less than 20 cals./degree. It is doubtful whether varia¬ 
tions of this magnitude would be detected in any of the 
measurements of activation energy so far carried out. 

In addition to these general considerations there is clearly 
a close resemblance in detail between equations (12) and (10) 
for the velocity and equilibrium constants, and between (13) 
and (21) for the apparent activation energy and the observed 
energy change. The resemblance would be still greater but for 
a simplification which was introduced into the treatment of 
reaction velocities, namely, the assumption (legitimate for all 
practical cases) that the number of systems which react is 
only a small fraction of the total number. The corresponding 
assumption is obviously not justifiable in the case of equilibria, 
since the numbers of systems on the two sides of the equation 
may well be comparable. If this simplification is omitted in the 
treatment of reaction velocity the two sets of equations become 
still more closely analogous. This similarity between the pro¬ 
blems of kinetics and those of equilibria are particularly em¬ 
phasized in the transition-state theory (cf. p. 28), where the 
reaction velocity is expressed in terms of an equilibrium between 
the activated state and the initial state of the system. The 
analogy between kinetics and equilibria is often stressed by 
the use of a thermodynamic nomenclature for kinet ic quantities. 
Thus F t (equation (15)) is termed the free energy of activation, 
and the difference between E* and F t is written as TS t> where 
S t is termed the entropy of activation. By comparing equations 
(6), (12), (13), and (15) it will be seen that for a given reaction 

type the constant A of the Arrhenius equation is proportional 
to e+ SIR . 

There is, however, one essential difference between the equi- 



188 


ACID-BASE CATALYSIS AND 


librium equations and those which have been derived for 
reaction velocities, namely, the inclusion in the latter of the 
factors 7 T i representing the probability of reaction of each energy 
state. The quantities E *, F t , and 8 t are strictly analogous to 
thermodynamic energy, free energy, and entropy only if tt has 
the same value for all the energy levels concerned. The validity 
of the transition-state theory is also subject to the same con¬ 
dition, while an actual calculation of the reaction velocity 
demands in addition a knowledge of the value of tt . Fortunately 
there seems good reason to believe that for proton-transfer and 
other simple reactions tt will differ very little from unity for 
any energy values in excess of E° , though for reactions involving 
more complicated energy surfaces (e.g. unimolecular reactions) 
tt may become quite small.! If we accept the constancy of tt 
we are renouncing one of the factors which can be invoked to 
explain the lack of correlation between velocity and apparent 
activation energy, since it was shown above that a variable 7 r 
would accentuate any deviations from simple behaviour. How¬ 
ever, the corresponding lack of correlation between equilibrium 
constant and energy of reaction which is met with in acid-base 
equilibria (where no question of tt -factors can arise) shows that 
considerable deviations can arise without assuming a variable 
probability. 

We have seen that differences between E *, E °, and F lt and 
between At/, €°, and A F, depend upon the occurrence of a 
number of energy states fairly close together. In the case of 
reactions involving ions in polar solvents these energy states 
can easily arise in virtue of the many possible orientations of 
the dipolar solvent molecules in the field of the ion. A detailed 
calculation of this orientation effect is difficult, and several 
attempts have been made to short-circuit the full statistical 
treatment by considering the solvent as a continuous dielectric 
and calculating the energy of the field produced by the ion 
according to ordinary electrostatic principles. In this treatment 
the orientation of the solvent dipoles is not mentioned explicitly, 
but it makes itself felt in the temperature dependence of the 

•f Wigner, Trans. Farad. Soc. 34, 29, 1938. 
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dielectric constant. The expressions obtained do in fact show 
that the differences between energy, free energy, etc., depend 
upon the value of dDjdT . Calculations of this kind have been 
carried out both for kinetics*)* and for equilibria.{ The picture 
of the solvent as a continuous medium is, of course, rather a 
gross approximation to reality, and it is probable that the 
most useful theoretical approach at present is a combination 
of statistical and electrostatic treatment^ All treatments of 
this kind involve quantities such as ionic radii which cannot 
be given a definite value, so that the results obtained are at 
the best semi-quantitative. 

We must now examine once more the position as regards the 
basis of the Brdnsted relation. In order to deduce this relation 
from the potential-energy diagram we had to make the assump¬ 
tions (equations (3) and (4)) 

SE° 


8 log v = — 


IcT 

8e° 

kt 


8 log K = 


(24) 


(25) 


On the other hand, we have just seen that for any temperature 
removed from the absolute zero we must write 


8 log v = 


8 log K = - 


SF ( 

kT y 

SA F 
kT 


(26) 


(27) 


where in general there is no simple relation between SF t and 
SE° or between 8 A F and 8e°. At first sight these results seem 
to invalidate completely the derivation of the observed Brdnsted 
relation in terms of the potential-energy diagram, but it never¬ 
theless seems difficult to believe that this diagram does not 
contain the elements of the true explanation. The solution of 


t LaMer and Kamner, J. Amer. Chem. Soc. 57, 2G62, 1935; Moelwyn- 
Hughes, Proc. Roy. Soc. A, 155, 308, 1936; 157, 667, 1936. 

X Hammett, J. Chem. Phya. 4, 613, 1936; Gurney, ibid. 6, 499, 1938; 
Latimer, Pitzer, and Slansky, ibid. 7, 108, 1939; Buughan, ibid. 7, 951, 1939. 

§ Everett and Wynne-Jones, Trans. Farad. Soc. 35, 1380, 1939; Everett 
and Coulson, ibid. 36, 633, 1940. 



190 


ACID-BASE CATALYSIS AND 


the difficulty is probably to be found in the close similarity 
between the kinetic and equilibrium problems, which is specially 
emphasized in the transition-state theory. The transition state 
represents an intermediate between the reactants and the re¬ 
sultants, and it may be expected that special characteristics of 
the equilibrium between the reactants and the resultants will 
be reflected in the equilibrium between the reactants and the 
transition state, and hence in the reaction velocity. If in a 
series of reactants random differences between 8e 0 and 8 A F are 
paralleled by corresponding differences between SE° and 8.FJ, 
then a fundamental relation between Sc 0 and &E° will lead to 
an observed relation between equilibrium constants and reaction 
velocities even when equations (24) and (25) are not valid. 
Moreover, if this resemblance between the transition state and 
the final state is complete there should also be a parallelism 
between the experimental quantities A U and E*, since these 
quantities are also functions of the energy levels which occur. 
The same conclusion may be reached from a different point of 
view as a consequence of the experimental fact that the 
Bronsted relation is obeyed at more than one temperature. If 
equation (5) is differentiated with respect to temperature we 


have 


d -,(81og») = «A(81og*-) + 81ogtf 


dl 


dT 


dT y 


and hence, by introducing (22), 

BE* = <xB(AU)+kT 2 ~S\ogK. (28) 

dT 9 

If a is independent of the temperature, this gives the simple 
relation $E* = a8(A£/)> and in any case there should be a 
smooth relationship between E * and At/.| 

t The quantity cl in the potential-energy diagram is, of course, independent 
of temperature, but this is not necessarily the ease for the experimental para¬ 
meter. A small change of a (observed) with temperature has been reported 
for the decomposition of nitramide (Baughan and Bell, Proc . Boy, Soc. A, 158 , 
464, 1937), but it is doubtful whether it represents a real effect (cf. Trans, 
Farad, Soc. 34, 250, 262, 1938). A temperature variation small enough to 
escape experimental detection would still contribute appreciably to equa¬ 
tion (28). 
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The existence of any parallelism between E* and AU ran 
be tested from existing experimental data. K and All in our 
theoretical treatment refer primarily to the equilibrium bet ween 
catalyst and substrate, but in dealing with a fixed substrate and 
a series of catalysts we can equally well use the equilibrium 
constants and heats of reaction for the protolytie reactions 
between the catalysts and any standard acid or base, such as 


the solvent molecule or an ion derived from it. A change in the 
choice of standard will affect all the AU values in such a series 
by the same amount. In Table XXIII the column headed AfJ 
gives the energy changes for the ordinary dissociation equilibria 
of the catalysts at a temperature equal to the average tem¬ 
perature of the kinetic measurements. The values are those 
given by Everett and Wynne-Jonesf with the exception of the 
values in brackets, which are rough estimates. It will be seen 
that there is no sign of the expected correlation between E* 
and AU, so that the proposed interpretation in terms of the 


potential-energy diagram again seems to break down. How¬ 
ever, it should be remembered that the Bronsted relation itself 
is subject to deviations much greater than the experimental 
error, and must be regarded as a parallelism rather than as an 
exact relation. If, therefore, we are determined at all costs to 
maintain the essential truth of the potential-energy picture the 
state of affairs found experimentally could be described by 
saying that the values of E* and AU at ordinary temperatures 
deviate much more seriously from the fundamental parallelism 
between E° and e° than do the related quantities F t and AF. 
There is a certain amount of theoretical justification for this 
distinction between the behaviour of energies and of free 
energies,J and other examples of such behaviour are not un¬ 
known. Thus in the Debye-Hiickel theory of electrolytes the 
observed activity coefficients (closely related to free energies) 
show substantial agreement with the theory over a range of 
concentrations, while the heats of dilution (which are total 
energies) exhibit large individual deviations over the same con- 


f Everett and Wynne-Jones, ibid. 35, 1380, 1939. 
t Evans and Polanyi, ibid. 32, 1333, 1936. 
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centration range and approximate to the theoretical values only 
at extreme dilutions. 

It will, however, be obvious that the present position of 
attempts to give a molecular interpretation of the BrOnsted 
relation is a highly unsatisfactory one, and that much further 
work is necessary. This applies particularly to accurate experi¬ 
mental work on the temperature coefficients of catalysed 
reactions to supplement the meagre data in Table XXIII. 

(e) The possibility of non-classical proton transfer 

We have already seen that a variation of the reaction proba¬ 
bility with the energy of the system may lead to deviations 
from simple behaviour. The type of variation which has so far 
been considered involves a critical energy E° below which the 
probability of reaction is zero, while for energies greater than 
E° the probability increases with increasing energy. This kind 
of variation is not peculiar to proton-transfer reactions, and 
its importance should increase as the temperature increases. 
Actually, both the simplicity of the energy surfaces involved 
and the behaviour of related equilibrium quantities led us to 
conclude that this kind of effect was not likely to be of much 
importance in proton-transfer reactions. In this section we 
shall consider the possibility of a different type of probability 
variation, in which there is no lower limit to the energy of the 
reacting states, the probability remaining finite (though small) 
for energies right down to zero. This kind of behaviour is quite 
foreign to classical mechanics, and has only been regarded as 
possible since the advent of modern quantum theory. We shall 
not attempt here to give any detailed account of the theoretical 
aspect of this subject, especially as so far there is no experi¬ 
mental evidence which points unequivocally to the occurrence 
of such effects. However, we shall see that this field of modern 
physical theory has a particular relevance for the type of reac¬ 
tion involved in acid-base catalysis: in fact, the results of the 
quantitative theory make it difficult to avoid the conclusion 
that any complete treatment of proton-transfer reactions must 
take into account departures from classical mechanics. For 
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this reason it seems desirable to give some account of the 
subject here. 

Consider again the potential-energy diagram for a proton- 
transfer reaction (Fig. 14, p. 159). Quantum theory supposes 
that even protons with energies less than E° are occasionally 
able to pass from one side of the diagram to the other. This 
idea is quite absurd if we accept the classical picture of a proton, 
since there will be a region in the centre of the potential barrier 
where the total energy is less than the potential, corresponding 
to a negative kinetic energy and an imaginary velocity! Since 
it seems impossible that such a particle can go ‘over’ the 
barrier, it may be helpful to imagine that it goes ‘through’ 
the barrier in some vague sort of way: hence the common name 
of ‘ tunnel effect ’ for such departures from classical behaviour. 
However, modern physical theory has renounced the classical 
picture of particles, and accepts a kind of dualism in the 
behaviour of particles and waves: i.e. certain properties of 
particles are accounted for by supposing that they have the 
character of waves, while certain properties of radiation can 
only be interpreted in terms of discrete photons.f The wave¬ 
length A to be associated with a particle of mass m and velocity 
v is given by the relation 


. _ h h 

mv y J{2m(E—V)} > 


(29) 


where h is Planck’s constant, E the total energy of the particle, 
and V its potential energy. This relation was first proposed by 
dc Broglie and is usually known by his name. It is well known 
in optics that the phenomena particularly associated with the 
wave nature of light (interference, diffraction, etc.) appear pro¬ 
minently only if the w ave-length of the light is not too small 
compared w r ith the dimensions of the material system being 
considered. In the same way the wave nature of particles 
becomes important only if their wave-length is sufficiently large, 
and equation (29) show's that this will be the case only for the 
lightest kinds of particle. This puts the electron in a special 


t For an elementary account see Gurney, Elementary Quantum Mechanics, 
Cambridge, 1934. 
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position, and it is well known that its behaviour cannot be 
described even approximately by classical mechanics. One of 
the most striking illustrations of this is the way in which a 
stream of electrons gives rise to a diffraction pattern when it 
strikes a crystal lattice, and in fact the diffraction of electrons 
is often used in preference to the diffraction of X-rays as an 
experimental method for studying the structure of crystals or 

= of molecules. Moreover, the 

same laws apply in principle 
to heavier particles, and dif¬ 
fraction effects agreeing with 
equation (29) have actually 
been observed for hydrogen 
and helium atoms.*)* 

The bearing of these con¬ 
siderations on proton-transfer 
reactions is best illustrated by 
considering an optical analogy. 
If ab in Fig. 17 represents a 
boundary between two media, 
then, if the angle 6 exceeds a 
certain value, the ray P in the 
denser medium A will undergo total internal reflection and will 
not be transmitted in the less dense medium B. This phenomenon 
can be interpreted either by the corpuscular theory or by the wave 
theory. According to the former, total internal reflection will 
take place if the normal component of the kinetic energy of the 
corpuscle is less than the increase in potential energy which it 
undergoes on passing from A to B. According to the wave 
theory, reflection will take place if sin 6 is greater than the ratio 
of the velocities with which the waves are propagated in the 
two media. There is, however, an important difference between 
the two explanations. According to the corpuscular theory, the 
region B is a completely forbidden one, and is quite unaffeoted 
by the reflection of the corpuscles at X. According to the wave 

f Estermann and Stem, Zeit. f. Phys . 53, 779, 1929; Johnson, J. Franklin 
Inst. 210, 135, 1930; Phys . Rev . 37, 847, 193K 



Fia. 17. The optical analogue of the 

tunnel effect. 
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theory, on the other hand, the reflection at A" docs cause a 
disturbance to be set up in the medium B , though the intensity 
of the disturbance dies away rapidly with distance and has 
almost vanished at a distance from X equal to a few wave¬ 
lengths. This difference can be illustrated experimentally if we 
bring up another piece of the denser medium A' so that the 
distance d is of the order of magnitude of the wave-length. 
According to the corpuscular theory this should make no dif¬ 
ference, but according to the wave theory there should now bo 
a transmitted wave P' and a corresponding diminution of the 
intensity of the reflected ray in A. The intensity of P' should 
decrease exponentially with increase of the distance d. In 
practice, of course, the predictions of the wave theory are 
verified, and experiments of this kind serve to discriminate 
between the two theories. 

The quanta] theory of the passage of particles across an 
energy barrier is in close analogy with the above phenomenon. 
The strip of less dense medium is replaced by that region of 
the energy diagram in which the total energy is less than the 
potential energy. According to classical mechanics even an 
infinitely thin region of this kind is completely impermeable to 
the passage of particles, but according to quanta! theory there 
is an appreciable probability for the penetration of the particle 
provided that the width of the classically forbidden region is 
not much greater than the wave-length associated with the 
particle. This probability will again fall off exponentially with 
increasing width of the forbidden region. 

There are several cases in which this kind of behaviour is 
directly observable in practice. Thus in the emission of elec¬ 
trons from metals under the influence of an electric field we can 
measure both the energy of the emitted electrons and the nature 
of the potential-energy changes at the surface of the metal. It 
is found that the energies of the electrons emitted are much 
lower than the maximum potential energy through which they 
have passed, and a quantitative theoretical treatment! predicts 

t Fowler and Nordheim, Proc. Roy. Soc. A, 119, 173, 1928; Nordheim, 
ibid. 121, G26, 1928. 
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correctly the dependence of emission on field strength. The 
same kind of phenomenon is observed in the spontaneous emis¬ 
sion of a-particles from radioactive nuclei, where the energy of 
the particle is much less than the height of the energy barrier 
surrounding the nucleus. Although the mass of the a-particle 
is much greater than that of the electron, the energy barrier is 
in this case a very narrow one, so that * tunnelling 9 is possible. 
A quantitative treatment leads to the relation between the 
half-life of the element and the energy of the emitted a-particle 
which has long been known empirically under the name of the 
Geiger-Nuttall relation, f 

It is easy to estimate roughly whether the same kind of 
phenomenon is likely to be of importance in proton-transfer 
reactions. Inserting in equation (29) the numerical values 
m = 1*66 x 10 -24 gm., h — 6*55 X 10~ 27 erg secs., E—V = kT 
= 1-37 X 10- 16 T ergs, we have 



3-08 x 10~ 7 

VT 


cm. 



for protons with thermal velocities at an absolute temperature 
T. For ordinary experimental temperatures this gives values 
of between 10 -9 and 10 -8 cm. Since the total width of the 
energy barriers in proton-transfer reactions is between 1 X 10~ 8 
and 2x 10 -8 cm., it is clear that considerable departures from 
classical behaviour may be expected in some cases, especially 
at low temperatures. We shall give here only a bare outline of 
the further quantitative treatment of the problem. As already 
emphasized, the actual energy surfaces involved are in several 
dimensions, the diagrams commonly used being particular sec¬ 
tions of these surfaces. The theoretical treatment of the pro¬ 
blem in several dimensions is very difficult, and has only been 
successfully attacked for the case in which the quantum effects 
can be represented as a small correction to the classical expres¬ 
sion. { It is therefore usual to base calculations of the ‘tunnel 
effect’ on the one-dimensional picture represented by diagrams 
like Figs. 13 and 14. It seems likely that the values thus 

t Gamow, Atomic Nuclei and Radioactivity, Oxford, 1936. 

j Wigner, Z. physikal, Chem . 19 B, 203, 1932. 
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obtained will be at least of the right order of magnitude, and 
this has recently been confirmed by direct calculation for very 
simple barriers in one and two dimensions.f In one dimension 
the principles of the calculation are well understood, and are 
very similar to those applying to the optical problem in Fig. 17. 
However, in applying these principles to actual cases we are 
met with the difficulty that we now need to know not only E° f 



FlG. 18. \ arious types of energy barrier. 

the height of the barrier, but also the shape of the barrier, 
i.e. the way in which the potential energy varies with distance 
on either side of the maximum. This information is not usually 
available from either theoretical or experimental sources, and 
the only course open at present is to carry out calculations for 
a series of barriers which are likely to include those appropriate 
to actual reactions. This will enable us to make semi-quanti¬ 
tative predictions which can be compared with experiment. 

In the absence of exact information, the choice of barriers 
for calculation is largely a matter of convenience. There are 
very few cases in which the appropriate equations of quantum 
theory can be solved exactly in terms of known functions, J but 
fortunately there is a convenient approximate method which 
can be shown to involve no serious errors for barriers of finite 
curvature.§ The type of result obtained is conveniently illus¬ 
trated by an example. In Fig. 18 curve B represents a type 

t Hirschfelder and Wigner, J. Chem. Physics, 7, 616, 1939. 

t Eckart, Phys. Review, 35, 1303, 1930; Bell, Phil. Mag. (7), 25, 488, 1938. 

§ Kemble, Phys. Rev. 48, 549, 1935; Bell, Proc. Roy. Soc. A, 158, 128, 1937. 
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of potential-energy curve for which it is possible to obtain an 
exact solution for the permeability G , i.e. for the probability 
that a particle of given energy will penetrate the barrier. (In 
classical mechanics G is, of course, zero for E < E° and unity 
for E > E°, independent of the shape of the barrier.) The 
actual expression for G is rather complicated, hut the column 
headed G(c) in Table XXV gives the numerical values obtained 
when E° = 1 x 10 -12 ergs (equivalent to about 14,500 cal./mole), 
m = 1-66 x 10 -24 gm., and the distance marked as 2a in Fig. 18 
is taken as 1 X 10~ 8 cm. 


Table XXV 


Permeabilities for different types of potential barrier 


10 13 U (ergs) 

0(a) 

G(b) 

0(c) 

1 

1-7 x 10" 11 

4-4 x 10“ 11 

3-7 x 10~ 11 

2 

3-0x 10~ 10 

4-2 x 10~® 

3-5 x 10“® 

3 

4-2 x 10" 8 

1-4 x 10 -7 

1-2 x lO" 7 

5 

3-5 x10 -6 

3-2xlO" 5 

2-6 x10 -5 

7 

8-0x 10“ 4 

3-5x10' 3 

2-8 x 10 -3 

8 

4-Ox 10~ 3 

2-7 x 10' 2 

2-1 x 10~ 2 

9 

6-0x lO' 2 

1-6 x 10' 1 

1-2 x 10~ l 

9-5 

2-5 x 10- 1 

4-2 x lO" 1 

2-7 x 10 _1 

10 

1-0 

1-0 

4-5 x 10 -1 

11 

1-0 

1-0 

8-5 x 10" 1 

12 

1-0 

1-0 

9-6 x 10” 1 

13 

1-0 

1-0 

9-9 x 10~ l 


It will be seen that the probability of penetration is quite 
appreciable even for energies less than E°. The column headed 
G{b) in the same table gives the results obtained by applying 
the approximate treatment to the same curve: they do not differ 
greatly from the exact values. Curve A in Fig. 18 (a parabola) 
is not quite such a good representation of the actual state of 
affairs on account of the abrupt changes of slope at its base. 
However, it is particularly well adapted to the approximate 
treatment, giving for E < E° the simple expression 



exp 


27T 2 aV(2m)(jB°— E) 



The values corresponding to this equation are given under G(a) 
in Table XXV. They do not differ significantly from the values 
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in the other two columns, and it is clear that as long as we 
are interested only in orders of magnitude any energy curve 
of approximately the right form will serve our purpose. Any 
other similar curve, for example the one shown by the broken 
curve in Fig. 18, would undoubtedly give substantially the 
same results. 

Although equation (31) applies only to a special ease, it 
illustrates well certain features which are common to all expres¬ 
sions of this kind. In the first place G depends exponentially 
on E°-E , so that the reaction probability falls off rapidly as 


the energy decreases. Secondly, the width of the barrier a also 
occurs in the exponent, so that the results obtained are rather 
sensitive to the choice of this parameter. Finally, the per¬ 
meability also depends exponentially on \'m, and therefore 
decreases rapidly with increasing mass of the particle. This 
means in practice that of the atoms commonly taking part in 


chemical reactions only hydrogen and deuterium are likely to 
show appreciable departures from classical behaviour. It is for 
this reason that proton-transfer reactions are in a special posi¬ 
tion. Reactions consisting of the movement of an uncharged 
hydrogen or deuterium atom would, of course, fall into the same 
category, but they usually take place only at a high tempera¬ 
ture, and frequently involve a chain mechanism. 

Equation (31) and Table XXV express the reaction proba¬ 
bilities for particles of given energy. The observed reaction 
velocity involves a large number of systems of different energy, 
and before comparing with experiment we must therefore aver¬ 
age the reaction probability in the appropriate manner. The 


number of systems having a given energy E is always propor¬ 
tional to the Boltzmann factor e ~ ElkT , and will therefore increase 
rapidly with decreasing energy. This increase serves to counter¬ 
balance the decrease of G with decreasing energy, and as a 
result in some cases a large proportion of the reacting systems 
will have energies less than E °, the classical activation energy. 
The energy of the system will often be quantized, but in an 
approximate treatment the calculation can be simplified by 
assuming a continuous range of energy values. We shall assume 
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the simplest form of distribution law (strictly valid for an energy 
which can be expressed as the sum of two square terms), namely, 

W = £T e ~ mTdE ’ (32) 

where N is the total number of systems and dN the number 
having energies between E and E+dE. The fraction of the 
total number of systems which reacts is then obtained by 
integrating GdN over all possible values of E, Denoting this 
fraction by q , we have 

oo 

q = \wr e ~ mTdE - (33) 

0 

The quantity G is, of course, a function of E y but it is frequently 
of such a form that the integration in equation (33) can only 
be effected by a graphical method.f Fig. 19 shows two graphs 
of this kind which illustrate some of the features of non-classical 
behaviour. The curves correspond to the energy barrier shown 
at B in Fig. 18, using the same numerical values as in Table 
XXV. The area included between the curve and the JS-axis 
gives the value of q , and the height of the curve for each value 
of E is proportional to the fraction of reacting systems pos¬ 
sessing that particular amount of energy. In the classical 
reaction picture the curve would be bounded on the left by 
the straight line E = E° , and would fall away rapidly to the 
right. At the higher temperature the quantum picture does not 
differ much from this since, although a little more than half 
of the reacting systems have energies below E° , the average 
energy of a reacting system is very little less than E°. At the 
lower temperature, on the other hand, the position is very 
different. Almost all the reacting systems have energies con¬ 
siderably less than E° , and their average energy is less than 
one-half of E° . It will be seen that the decrease of temperature 
has greatly increased the departure from classical behaviour. 

The effect of various factors on the behaviour of q has been 

t Bell, Proc. Roy. Soc. A, 139, 466, 1933; Bawn and Ogden, Tran*. Farad. 
Soc. 30, 1, 1934. 
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most fully studied for the parabolic energy barrier (curve A in 
Fig. 18) for which equation (88) is easily evaluated when the 
expression for O' (equation (31)) is inserted.f Fig. 20 shows 
the plot of log,,// against 1/7' for four typical barriers. The 
curves marked I, II, III, and IV refer to the following values 



Fig. 19. Energy distribution of reacting systems according to 

quantum mechanics. 


for the height and width of the barrier, which should correspond 
roughly to those occurring in actual reactions: 

I. E° = IX 10" 12 ergs (14,500 cal./mole), 2a = 1 X 10" 8 . 

II. E° = lx 10- 12 ergs (14,500 cal./mole), 2 a = 1*5 X 10' 8 . 

III. E° = 2x 10- 12 ergs (29,000 cal./mole), 2a = 1 X 10~ 8 . 

IV. E° = 2x 10- 12 ergs (29,000 cal./mole), 2a = 1-5 X 10" 8 . 

The straight broken lines represent the values of q predicted by 
the classical theory. It will be seen that these are throughout 
smaller than the quantum values, and that the discrepancy 


4503 


t Bell, Proc. Roy. Soc. A, 148, 241, 1935. 
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reaches several powers of ten at room temperatures or a little 
below. However, the classical value of q can only be calculated 
if the value of E° is known accurately, and theoretical calcula¬ 
tions of this quantity are at present only very approximate* 
hence no direct experimental test can be made along these lines. 



Fig. 20. The variation of reaction velocity with temperature 

according to quantum mechanics. 


From this point of view a more useful feature is the way in 
which q (and hence the reaction velocity) varies with the tem¬ 
perature. The figure shows that the temperature coefficient will 
decrease with decreasing temperature, and that at sufficiently 
low temperatures the reaction velocity will become almost 



( 34 ) 
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will therefore vary with the temperature, and this variation 
is shown in Fig. 21 for the four parabolic barriers already 
described. Even in the most unfavourable case the variation 
should become considerable at temperatures a little below 0° C. 

As already mentioned (p. 181), none of the data available 



T 

Fig. 21. Variation of apparent activation energy with 
temperature according to quantum mechanics. 

for the temperature coefficients of catalysed reactions shows 
any change of E* with temperature, though there are very few 
cases in which investigations have been carried out at several 
temperatures over a wide range. Measurements at tempera¬ 
tures below 0° C. are of special interest in this connexion, but 
recent work on two reactions down to —55° C. reveals no devia¬ 
tions from the simple Arrhenius equation.! The evidence in 
this direction is therefore so far negative. The quantum effects 

f Bell and Thomas, J. Chcm. Soc. 1573, 1939; Bell and Norris, ibid. 118, 
1941. 
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should also be apparent in the value of the constant A of the 
Arrhenius equation. Thus suppose that the reaction velocity 
can be written in the form v = where A 0 is a collision 
number. The observed value of A is defined by v — Ae~ E *l kT t 
and comparison shows that A/A 0 — qje~ E * ikT t When there are 
large departures from classical behaviour the theoretical treat¬ 
ment shows that q e~ E *l kT : hence under these circumstances 
the factor A will be much smaller than a collision number. 
However, a small value of A can be attributed to many other 
causes having nothing specifically to do with proton transfers, 
so that the observed value of A cannot be used alone as evidence 
for the presence or absence of the ‘tunnel effect’. 

Fig. 20 shows that even when there is no detectable variation 
of E* over a small temperature range there may still be dis¬ 
crepancies of at least a power of ten between the classical and 
quantal values of q. It is thus possible that deviations from 
classical behaviour might account for some of the apparently 
erratic variations in the Arrhenius constants A and E* (cf. 
Table XXIII). It might at first be thought that such devia¬ 
tions would not be consistent with the observed validity of the 
BrOnsted relation, but it is found on calculation*)* that the effect 
of the deviations upon the actual velocity is much less than 
their effect upon the separate values of A and E*. On the 
other hand, the general similarity in behaviour which has been 
found to exist between kinetic and equilibrium quantities speaks 
against this explanation. The tunnel effect cannot play any 
part in equilibrium phenomena, since although it may con¬ 
tribute to the velocities of the two opposing reactions, it will 
increase both velocities by exactly the same factor and will 
therefore cancel out in the equilibrium constant. 

A much more promising field for the detection of non-classical 
behaviour lies in a study of the hydrogen isotope effect for the 
velocity of catalysed reactions. Equation (34) and all related 
equations contain the mass of the particle, and as a result 
reactions involving proton transfer will deviate from classical 
behaviour to a greater extent than those involving deuteron 

t Bell, Proc . Roy . Soc. A, 154, 414, 1936. 
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transfer. This will lead to a reaction velocity which is greater 
for hydrogen compounds than for deuterium ones, and the 
calculated values for the velocity ratio for the four parabolic 


barriers already considered are shown in Fig. 


22.f There are, 


of course, two other factors which will operate in the same 



Fig. 22. The hydrogen isotope effect according to 

quantum mechanics. 


direction, namely, the difference in zero-point energy and the 
difference in thermal velocity (cf. p. 144). The effect of tun¬ 
nelling will be superimposed upon these factors, and the figuie 
shows that at sufficiently low temperatures it will be more 
important than either of them. We may therefore expect to 
find isotope effects much larger than can be accounted for by 
differences in zero-point energy. Moreover, the change of iso- 

t Bell, ibid. A, 148, 241, 1935; cf. Bawn and Ogden, Trans. Farad. Soc. 
30, 1. 1934. 
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tope should affect both the factors of the Arrhenius equation, 
since we have seen that departures from classical behaviour 
lead to an abnormally low value for A, and this phenomenon 
will be more marked for the hydrogen than for the deuterium 
compound. This predicted difference in A -values for the two 
isotopes should be a good test for non-classical behaviour since, 
from a classical point of view, it is very difficult to see how 
a change of isotope could affect anything except the activation 

energy, t 

None of the experimental material so far obtained gives any 
definite indication of non-classical behaviour. All the observed 
values of & H /& D (°f- Table XXI, p. 146) are sufficiently small 
to be plausibly explained by differences in zero-point energy, 
though no experiments have yet been made at temperatures 
below 0° C. There is only one case in which a satisfactory 
comparison of the constants A and E* can be made. This is 
in the anion catalysed decomposition of nitramide, where the 
data of Baughan and Bell for H 2 0 J can be combined with those 
of Liotta and LaMer for 91-5 per cent. D 2 0,§ though the latter 
unfortunately refer to only two temperatures 10° apart. For 
catalysis by the acetate, benzoate, and salicylate ions we find 
i D /i H = 35, 1*8, and 2*8 respectively. These differences are 
in the direction predicted theoretically, and it has been sug¬ 
gested] | that these figures constitute definite evidence for the 
occurrence of the ‘tunnel effect’. There is, however, one com¬ 
plicating factor which must not be ignored. In these experi¬ 
ments the change from one isotope to the other is necessarily 
accompanied by a change in the solvent from H 2 0 to D 2 0. 
This change of medium may affect the velocity in a way quite 
unconnected with the true isotope effect, and, as we have 
already seen (p. 152), the experiments of Reitz on the ionization 
of nitromethane^] show that this medium effect may amount to 
as much as 20 per cent. A similar effect may well be present 

t Except for the small change in collision number caused by the difference 
n mass. f Baughan and Bell, Proc. Roy. Soc. A, 158 , 464, 1937. 

§ Liotta and LaMer, J. Amer. Chem. Soc. 60, 1967, 1938. 

|| Bell, Trans. Farad. Soc. 34, 263, 1938. 

T[ Reitz, Z. physikal. Chem. 176 A, 363, 1936. 
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in the decomposition of nitramidc, and since we do not know 
how it will affect the observed A and E* values, any conclusions 
based on these values can at present be only provisional. It 
would be of interest to have similar data for reactions taking 
place in solvents which cannot undergo isotopic exchange, since 
the medium effect would then be eliminated. 


It will be seen that in general the data so far obtained do 
not support the view that non-classical proton transfer is of 
any importance in practice. Although the existing experimental 
material is admittedly scanty, it seems natural to examine the 
theoretical treatment for possible major flaws. A number of 
assumptions and approximations have, of course, been made, 
but it seems unlikely that most of these can lead to any gross 
errors in the final results. The weakest point in the theory is 
probably the assumption that all the activation energy resides 
in actual movement of the proton. If a considerable proportion 
of the energy is actually used in forcing the reactants together 
against repulsive forces, then the part played by the tunnel 
effect will not be so important as we have supposed. It may 
be possible to estimate by calculation the part played by repul¬ 
sion, though this has not yet been done. On the other hand, 
the form of barrier on which calculations have been based 


probably errs in the direction of under-estimating the ‘tunnel 
effect’. If the actual barriers involved are anything like those 
which we have constructed from potential-energy curves in 
Fig. 15 (p. 161), then the permeabilities calculated above for 
parabolic barriers will be much too low. In this case a better 
approximation to reality is provided by the wedge-shaped type 
of barrier given by Wigner.f the use of which predicts large 
deviations from classical behaviour even at high temperatures. 
The importance of the ‘tunnel effect’ for acid-base catalysis in 
general must thus at present remain an open question, but the 
great theoretical interest of such effects makes it desirable to 
pursue the subject farther experimentally, especially by kinetic 
measurements at low temperatures and accurate measurements 
of the isotope effect. 


t Wigner, Trans. Farad. Soc. 34, 29, 1938. 
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